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ABSTRACT 
This thesis reports the preparation of the 0-methyld:i.oxime a.nd 
bis(O-methyloxirl1e) derivatives of the diamine lt,lt,9,9-tetrameth.yl-5,8-
diazadodecane-2,11-d:i.one,ancl the preparntion of the oxime and 0-
methyloxime derivatives of the diamine 2,6,6-trimethyl-2,5-diazanonan-
8-one. The chelating reactions of the diamine dioximes ( tetradentate 
ligands) and the diamine oximes (tridentate ligands) towards divalent 
transition metal ions have been studied. 
The !!'~ configurations of these ligands were determined by 
p.m.r. spectroscopy. The rates of acid catalysed E-Z isomerization 
' --
of the oxime and o-methyloxime groups, as determined by p.m.r. 
spectroscopy, are reported. The observed rates of isomerization are 
oxime > 0-rnethyloxime. 
Thermod;ynamic data are reported for the stepwise s.mino 
protonation of the tetradentate diamine diox:i.me ligands (log K 
(potentiometric), 6H (calorimetric) and 6S) and of the tridentate diamine 
oxime ligands (log K) at 25.0°0 and I :::: 0.10M NaCl. 
Log K (potentiometric) data are reported for (1) the formation 
of complexes between the diam:i.ne diox:i.me ligand a.nd the divalent metal 
ions Fe, Ni and Zn and are compared with the known values for Co and 
Cu, (2) the formation of compl0xes between the diamine o-methyldioxime 
and the divalent metal ions Co, Ni, Cu and Zn, and (3) the formation of 
the copper(II) complex of the diamine bis(O-·methyldioxime) at 25.0°C 
and I:::: 0,.10H NaCl. 6H (calorimetric) at 6S data are also reported for 
the formation of copper(II) comple~{es of the tetradentate ligands and 
these are interpreted in terms of the known structural date.. Log K 
data nre reported for the formation of the copper(II) complexes of 
the tridentate diamine oxime ligands. 
The order of donor strengths observed is oximato >> oxime> 0-
methyloxime. Deprotonation from a complexed oxime group involves the 
formation of either an intramolecular hydrogen bond or hydrogen bonds 
with the solvent. Intramolecular oxime-oximato hydrogen bonding is 
favoured by a. positive entropy change. 
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CHAPTER 1 
INTRODUCTION 
Oximes are widely used as selective reagents in qualitative and 
quantitative inorganic ru1alysis of metal ions. 1 ' 2 The reagents have 
been used since Tschugauff discovered in 1905 that nickel(II) gives a 
specific reaction with dimethylglyoxime in ammonia solution.3 Since 
that time the number of oxime reagents used in inorganic analysis and 
the number of metal ions for which they are utilized has rapidly 
increased. 
The oxime reagents generally used in inorganic analysis fall into 
three major classes (see fig. 1.1): 
1. 
(1) the vicinal a-dioximes such as dimethylglyoxime, a-furil dioxime, 
cyclohexan-1 92-dione dioxime (nioxime) etc. 
(2) the ortho-hydroxybenzaldoxime and ~-hydroxybenzketoxime 
reagents such as salicylaldoxime, and 
(3) the a-acyloinoximes such as a-benzoinoxime. 
'I'hese reagents form metal complexes with most transition metal ions 
and have been used in the determinations of cobalt(II), copper(II), 
iron(II), iron(III), lead(II), manganese(II), nickel(II), molybdate ion, 
bismuth(III), palladium(II), rhenium(VII) and platinum(II). 1 ' 2 ' 4 The 
analytical techniques employed in these determinations include gravi-
metric, volumetric, amperometric and spectrophotometric. The utility 
of oxime reagents in the determination of metal ions is related to two 
major factors: 
(1) the high stability of the metal complexes, and 
(2) the solubility of the complexes in various solvents. 
This chapter reviews some aspects of oxime group chemistry (as 
relevant to this work), and factors which affect the stability and 
2. 
Fig. 1.1 
Classes of Oxime Reagents Used in Inoreanic Analysis 
( 1 ) Vicinal dioximes R R 
NOH NOH 
(2) o-Hydroxyaldoximes 
OH 
(3) a, acyloinoximes 
OH NOH 
solubility of metal-oxime complexes. 1rhe application of oxime reagents 
to inorganic analysis will be discussed, followed by an outline of the 
metal oxime chemistry studied in this work. 
SOME ASPECTS OF OXIME CHEMISTRY 
1.1.1 Preparation and Structure of Oximes 
Oximes are derivatives of aldehydes and ketones and they are 
prepared from the parent carbonyl by reaction with hydroxylamine under 
neutral or basic conditions.5 
0-alkyl oximes can be prepared by the reaction of the parent 
ketone with the corresponding 0-alkyl hydroxylamine derivative; 6 ' 7 
4 ~C = NOR 
/ 
or by alkylation of the parent oxime under basic conditions with the 
appropriate alkyl sulphate or alkyl halide:'7,S,9 
~C =NOH 
/ + 
RX 
N-alkylation is a side reaction8 when the alkyl sulphate or halide 
reaction is employed. 
'llhe hybridization of the oxime carbon and nitrogen atomic 
orbitals is sp2 • Bonding between the carbon and nitrogen atoms 
consists of a a C-N bond end the overlap of the singly occupied 
unhybridized p orbitals to give a ~ e-N bond. The lone pair of 
electrons on the nitrogen atom occupies one of the sp2 hybrid orbitals 
(see fig. 1.2). 10 As a consequence of the sp2 hybridization and of~ 
bond formation, the atoms R1, R2 , C, Nand 0 all lie in a plane and 
the C-N-0 angle is approximately 120°. Resonance is possible in the 
oxime group, 11 the contributing structures being: 
Fig. 1.2 
Bonding in the Oxime Functional Group 
R~ ~O-H 
G-N~ \2.) R 
+ 0 
- H 1!0 - H 
""C= 
I ~-N ~ c - N / ~ 
(I) (II) 
and in the oximato group: 
- 0 
~ 10 ~- 1/ 
/c :=: N f----7 C - N / 
(III) (IV) 
Typical bond lengths observed for the C-N double bond, N-0 bond and 
0-H bond are 1.27 2, 1.41+% and 1.02 ~ respectively.3 Similar bond 
lengths are calculated from the sums of covalent radii and the 
electronegativity of the constituent atoms. 12 It is inferred that 
5. 
structure (II) makes a minor contribution to the electronic structure 
of oximes. However with electron withdrawing groups attached to the 
imino carbon, structures (II) (and (IV)) may become more important. 11 
Oximes contain electronegative nitrogen and oxygen atoms, and 
an hydrogen atom which is electropositive in character. Hydrogen 
bonding is therefore possible between these atoms. In the solid state 
hydrogen bonding does occur as evidenced by infrared measurements on a 
variety of oximes, 13, 14 •15 and crystal structure analyses on monoximes16 , 17 
d d . · 18, 19,20 I t'l- 'd t t di th 1 1 . an 1ox1mes. n 11e sol1 s a e me y g yox1me hydrogen 
bonds to form long chains throughout the crysta118 , 19 as does 
(~)-:e.-chlorobenzaldoxime , 17 whereas (1~)-;2-chlorobenzaldoxime forms 
hydrogen bonded dimers. 16 Infrared measurements on a series of 
aldoximes showed v(O-H) at 3250 cm-1 in solution15 (a free 0-H 
stretches at 3500 - 3600 cm-1 ) indicating that oximes also have a 
tendency to associate in aprotic solvent. 
1.1.2 Isomerism of Oximes 
The hybridization of the atomic orbitals about the carbon and 
nitrogen atoms of m::imes imposes a strict stereochemistry on the 
oxime group. Analogous to the alkanes, oximes can exist in E and 
Z forms (see fig. 1.3(a)) depending on whether the hydroxyl group 
is trBE~ or cis to the priority selected group (R1) tn the oxime 
21 R1R2e=NOH. If the OH and R1 groups are on opposite sides of a 
reference plane passing through the e-N double bond (and perpendicular 
to the plane containing these atoms and those directly attached to 
them) then the configuration is termed ~ (previously termed anti) and 
if on the same side of the reference plane then termed Z (previously 
syn). 
With symmetric dioximes there exist three different configura-
tions for the hydroxyl groups with respect to the e-N double bonds 
(see fig. 1.3(b)). These are designated as (E,J2) 9 (Z,Z) and (E,Z). 
(The ~~ isomer was previously known as the amphi isomer.) The fact 
that more than one isomer may exist for oximes and dioximes has been 
known for over 100 years and in 1890 Werner and Hantzsch correctly 
accounted for this isomerism in terms of restricted rotation about 
the e-N double bond.22 ' 23 
The preferred configuration about the e-N double bond is 
determined by both steric and electronic factors. In the more stable 
isomer the hydroxyl group is usually trans to the most bulky sub-
stituent on the oxime carbod24 (the group R in aldoximes). With 
ketoximes a mixture of isomers may result and the most stable form 
is often difficult to predict.25 Electronic factors may play a part 
in determining the preferred configuration; for example where a 
particular configuration may be stabilized by hydrogen bonding to a 
group adje.cent to the oxitne hydroxy1.26 
Theoretical molecular orbital calculations predict approx-
6. 
imately 20% double bond character between the two carbons in dimethyl-
glyoxime.27 There is therefore a (small) barrier to rotation about the 
Fig. 1.3 
Possible Configurations for (a) Aldoximines and (b) Vic.-dioximes 
a) 
b) 
~ 
.. N~ 
OH 
(E) 
-
(~) 
I 
··\ !·· 
OH HO 
( z,z_) 
/ N /N .. HO .· HO 
(E Z) 
_,_ 
c-c 11 single 11 bond such that a further form of isomerism is possible 
in vic-dioximes viz. cis-trans isomerism. In the solid state 
dimethylglyoxime has a planar trans configuration. 18 , 19 For the 
8. 
~ dioxime form the structuxe (V) will be the predominant canonical 
form contributing to the resonance structure: 
( ) ~-
(V) (VI) 
There is some doubt as to which configuration is important in solution.4 
Theoretical calculations, and dipole moment measurements,27 
indicate that the cis form is probably the predominant form in dioxane 
solution although solvent effects may play a large role in other solvents. 
1.1.3 E-Z Isomerization of Oximes 
The interconversion of the E and ~ configurations of an oxime 
has been postulated to occur by 3 different mechanisms. These are: 28 t 29 
(1) A rotation mechanism Where isomerization is effected by torsion 
about the C-N double bond. The hybridization about the nitrogen atom 
does not change during isomerization. 
+ 
R1 - C - R R1 - C - R2 R - C - R ~ 2 ~ 1 II 2 
.N -4 .w -4 N. 
'\ '\ ;· 
OH OH HO 
(2) An inversion mechanism involving a planar inversion of the oxime 
hydroxyl group. The hybridization of the oxime nitrogen changes from 
2 
sp to sp in the transition state 
R1 - II - R2 R1 - ~ - R2 R - C - R 1 II 2 
.N -> 
''\ 
OH 
CNQ 
I 
0 
N. ;· 
HO 
H 
(3) A combination of mechanisms (1) and (2). 
The rate of isomerization of oximes has been contrasted 
with the rate of isomerization of alkenes. 30 Typical activation 
energies for~-~ isomerization of oximes and alkanes are 54 - 105 kJ mol-1 
-1 
and 150 - 250 kJ mol respectively. The markedly lower activation 
energies and higher rates of isomerization of oximes and oxime 
derivatives indicates that there is a mechanism available to oximes 
which is not available to alkanes. This mechanism is considered to 
be the planar inversion mechanism (2). 
Evidence in support of the inversion mechanism comes from 
studies involving changes in the substituents on both the imino 
carbon and nitrogen atoms. Substituents on a phenyl group attached 
to the imino carbon have little effect on the rate of E-Z isomeriza-
tion.29,31 Assuming a heterolytic breaking of the c=N double bond, 
the rotation mechanism :tnvolves a transition state in which the 
carbon develops a charge and the absence of a substituent effect 
suggests that rotation about the C-N bond is not the correct mechanism. 
studies on N-(2,6-dialkylphenyl) imines29 show that the activation 
energy for isomerization is lowered on increasing the size of the 
alkyl substituents. This observation was interpreted as being in 
support of a linear inversion transition state which would have lower 
steric hindrance. However the effect of an heteroatom containing a 
lone pair of electrons and bonded to the imino carbon is to lower the 
barrier to ~-~ isomerization; 28 this observation· supports a mechanism 
involving breaking the C-N double bond (viz. a rotation mechanism). 
However molecular orbital calculat~.ons on the ground state and transition 
states involved in the two mechanisms under consideration indicate that 
the heteroatom would also have an effect on the activation energy in the 
inversion mechanism. 28 Perhaps the greatest support for the inversion 
mechanism comes from theoretical molecular orbital-energy calculations 
performed on the imines.28 ,32 The calculated activation energies for 
a rotation mechanism generally lie between 252 and 336 kJ mol-1 
whereas the calculated activation energy for an inversion mechanism 
is lower by about 84 to 126 kJ mol-1• Although the relative activa-
tion energies are useful in assessing the likely mechanism, the 
absolute values are not easily compared with experimentally determined 
values (because of the approximations involved in the calculations). 
Similar theoretical calculations on the ethane molecule overestimate 
10. 
the c-c rotational barrier by a factor of 2 (experimental 272 kJ mol-1, 
calculated 577 kJ mol-1).32 In sumraary 9 however, the inversion mechanism 
is the favoured mechanism at this time. 
An unusual feature of the rate of E-Z isomerization of imines 
is the extreme configurational stabilities of some classes of imine. 
Two of these are the N-haloimines and the 0-alkyloximes (compared to 
oximes) .. 3° The high configurational stability of 0-alkyloximes has 
been known since early in the 20th century.33 
1.1.4 Catalysed E-Z Isomerization 
The rate of E-Z isomerization is observed to be increased 
by the presence of acids,34 bases35,36 ,37 and metal ions38 although 
few quantitative studies have been reported on catalysed §-~ isomeriz-
ation. The rate of isomerization of phenyl-2-pyridyl ketoxime is slow 
in 1M hydrochloric acid38 whereas the rates of isomerization of 
194-benzoquinone monoxime derivatives are enhanced in 3M hydrochloric 
acid.34 It is well known that the formation of hydrochloride salts 
of oximes is often accompanied by §-~ isomerization.39 It has been 
reported thattrace amounts (10-5M) of Fe(II), Ni(II) and Cu(II) ions 
increase the rate of isomerization of oximes approximately 100 fold. 38 
This observation is consistent with the observation of Frazer et al ~-O 
--
that the ~'~ and ~'~ dioximes used in this study yield the same 
metal complexes with Ni(II) and cu(II). Oximes are also isomerized 
by bases in ionizing solvents.36 Qualitative observations on 0-
alkyloximes also suggest that E-Z isomerization can be effected by 
.d 41 ac1. s. 
1.1.5 Methods of Determining the Isomers of Oximes 
Before the advent of modern instrumental methods the most 
commonly used method for determining ~ and ~ configurations of 
42 '+3 oximes was the Beckmann rearrangement. _, This rearrangement is 
an acid ca.talysed transformation of a ketoxime to an amide·. The 
postulated mechanism for the rearrangement is 
R 
- C - R' H+ R - C - R' c - R' + II ...... II -4 +R/\\ + H20 -4 c - R' ..... II NOH N OH + ""'N 
- 2 R 
- N 
~ + H20 
R• - c ::: 0 R' - C - OH 
-H+ R' - c - OH + 
I II II 2 '-----, 
-r-R-N-H R - N R - N 
The alkyl group that migrates is the group anti to the hydroxyl group. 
The reaction is therefore useful in determining the orientation of the 
hydroxyl group relative to the substituents Rand R'. A disadvantage 
of using the Beckmann rearrangement is that acids have been observed 
11. 
to isomerize oxime groups.34,43 If acid catalysed isomerization occurs 
then a mixture of amides (or the amide indicating the opposite con-
figuration) may result. Cases of a non-stereospecific reaction have 
been reported in the literature.44 
The Beckmann rearrangement cannot be used for aldoximes because 
the hydrogen seldom migrates.43 The reaction most commonly used to 
determine the configuration of aldoximes was the trans elimination of 
water from the oxime (or the trans elimination of acetic acid from 
the 0-acetyl derivative of the oxime)under basic conditions.42 
H - C .. R 
II 
N - 0 - C - CH 
II 3 
Base,) 
0 
The elimination is stereospecific: the action of base on the E isomer 
results in the oxime being unchanged (or the 0-acetyl derivative 
producing the oxime). A problem with the use of this reaction is 
that the ~ isomer may isomerize under basic conditions to the more 
stable E isomer.37 As a result a mixture of products may form. 
The Beckmann rearrangement for ketoximes and the elimination 
of water for aldoximes have been used extensively to determine the 
configurations of oximes. However the mechanisms of these reactions, 
as presented in the earlier literature,were not fully understood; the 
Beckmann rearrangement was believed to involve a ~ migration of the 
alkyl group and formation of nitriles with the cis elimination of 
acetic acid (or water). In 1921 Meisenhiemer showed,42 by examining 
an oxime derived from a cyclic compound (and therefore having a fixed 
configuration), that a trans (with respect to the OH group) migration 
was involved j~ the Beckmann rearrangement. The configurational 
assignments made before 1921 were therefore wrong and because 
Meisenhiemer 1 s work was not immediately accepted some configurations 
assigned after 1921 were also in error. Published assignments must 
therefore be assessed carefully. Similar confusion exists in the 
literature concerning the formation of nitriles from aldoximes. 
More recently physical methods have been used to determine 
the configurations of oximes. 'J~he dipole moments of the E and Z 
isomers of oximes are expected to be different. However oximes are 
generally associated via hydrogen bonds in aprotic solution. In order 
12. 
to measure the dipole moment this association is eliminated by 
formation of the N-methyl derivatives of the parent oximes.. Dipole 
moment measurements have been used successfully to determine the 
configuration of 4-nitrobenzophenone oximes45 and to characterise 
the ~ and ~ configurations of o-methyl derivatives of e~doximes 
(the formation of the o-alkyloxime eliminates hydrogen bonding).46 
This method of determining configuration is most applicable to oximes 
which have a large dipole moment, and has been used most successfully 
in aryl molecules containing a ~-nitro group. 
Infrared measurements have also been used to determine the 
~'~ configurations of aldoximes. In the solid state the two con-
figurations form intermolecular hydrogen bonds and the 0-H stretch-
ing frequency is different for each isomer. 13, 14 , 15 For aldoximes 
known to have the ~ configuration v(O-H) generally lies between 
3280 cm-1 and 3320 cm-1 while for~ isomers v(O-H) generally lies 
between 3130 e.nd 3170 cm-1• In contrast the 0-H stretching frequency 
. -1 for both E and Z isomers in solution is generally about 3250 em 
This difference in frequency of the 0-H stretching vibration in the 
solid state has been attributed to different crystal structures. 1 l~ 
~ oximes tend to form hydrogen bonded dimers16 while Z oximes tend 
13. 
to form 11 chains11 • 17 Although this pattern of 0-H stretching frequencies 
is observed for a large variety of aldoximes,some exceptions exist. 
For example (~)-pyrid1.ne-2-aldoxime and (~)-pyridine-4-aldoxime have 
0-H stretching frequencies between 2700 and 2880 em - 1 (however this 
may be a result of hydrogen bond formation between the oxime proton 
and the pyridine nitrogen). 
The third commonly used method of determining ~'~ configurations 
of ketoximes and aldoximes is by nuclear magnetic resonance spectroscopy. 
The protons ex. to the oxime function resonate at different frequencies 
14. 
when cis or trans to the oxime hydroxyl group. 47 ,48 A9 The difference 
in frequencies is observed to be solvent dependent. A mixture of 
(~)- and (~)-ethylmethylketoxime shows a difference in the resonance 
frequencies for the ex-methyl and ex-methylene protons of 0 .. 05 ppm and 
0.25 ppm respectively in c6n6 and a difference of 0.04 ppm and 0.12 ppm 
in cF3cooH~9 In both solvents the resonance is at lower field when 
the ex-methyl and ex-methylene protons are cis to the OH group. This 
. -
same dependence on configuration is also observed for propionaldoxime, 
where both the aldehydic proton and the ex-methylene ~rotons resonate 
at lower field when cis to the oxime OH. Similar results have also 
been obtained for a wide range of oximes and oxime ethers.48 t50 
In contrast, recent studies have shown that for some oximes 
in solvent n2o the ex-methyl resonance peak shifts to lower field when 
the methyl group is ~ to the OH and the ex-methylene resonance 
shifts to lower field when the methylene group is cis to the OH group51 
(see section 5.2.1). 
The cause of this anisotropic deshielding has been attributed 
50 both to the nitrogen lone pair of electrons, and to the proximity 
of the hydroxyl group. 52 
1.1.6 Acid-Base Properties of Oximes 
The oxime functional group is amphiprotic, the hydroxyl proton 
being slightly acidic while the nitrogen and oxygen atoms may show 
weak basicity. 
The hydroxyl proton in hydroxylamine is slightly acidic with 
a pK of 13.?4.53 The effect of the ~-electron system in oximes is 
a 
to slightly increase the acidity of this proton. Typical pKa values 
for oximes lie in the range 10 to 1311-3 ( c .f. typical pK value for an 
a 
alcohol ca. 18) • 9~ Electron withdrawing groups (such as 0:::0 or C:::NOH) 
ex, to the oxime group further enhance the acidity. The contrlbution 
of the resonance form (II) to the structure of oximes has been 
correlated with their acidities. 11 Factors which favour this resonance 
form (by stabilizing the negative charge on the oxime carbon through 
inductive or resonance effects) also increase the acidity of the oxime 
function. A correlation exists between the experimental pK 1 s of some 
a 
11 
oximes and the calculated 11 positive11 charges on their oxygen atoms. 
In nitrogen-containing compounds the basicity is a consequence 
of the lone pair of electrons on the nitrogen atom. On changing the 
hybridization of the nitrogen atomic orbitals from sp3 to sp2 , the 
s(lower energy) contribution to the hybrid orbital increases, the 
result being that the lone pair of electrons is of lower energy.55 
The pK of the conjugate acid will also be lowered55 (compare 
a 
R3c-oH2 +, pKa - -2, and R2C::::OH+, pKa - -7 5!1- where the hybridization 
of the oxygen atomic orbitals changes from sp3 to sp2). The presence 
of an electronegative atom adjacent to the nitrogen atom will also 
lower the basicity (compare cn3NH3+, pK 10.64, and HONH./, pK 5.95) •
56 
a J a 
There is little information available on the basicity of oximes. The 
pK of the conjugate acid of dimethylglyoxime has been determined as 
a 
57 4 
-0 .. 94 and -0.77, values which may be compared with the pK for the 
a 
conjugate acid of acetox:i.me, 1. 75 58 and 1. 92. 59 
As a consequence of tl1eir basicity, oximes form hydrochloride 
+ 
salts. Infrared measurements on these show the presence of an N-H 
-1 + 
stretching frequency at 2645 em and a C=N stretching frequency at 
1696 cm-1.5°,60 , 61 These measurements were interpreted in terms of 
protonation on the nitrogen atom. Protonation on the oxygen atom 
62 has also been suggested. 
1.2 Mfu'TAL-OXIME COMPLEXES 
Direct correlations between the stability of metal ion complexes 
and the basicity of the co-ordinating group have been established.2 
The pK of a protonated oxime group is approximately -1 and conse-
a 
quently an oxime is expected to co-ordinate very weru{ly to metal 
ions. The oxime hydroxyl proton is very weru~ly acidic and co-
ordination through the oximato oxygen is expected to occur at high 
pH. However oxime groups are known to co-ordinate strongly to metal 
ions in slightly acidic or acidic solution.2 Metal oxime complexes 
are generally low spin2 (e.g. Ni(Hdmg)2 and Fei
1(Hdmg)2) but high 
spin complexes are also known. 63,64 
1.2.1 Structure of Metal Oxime Complexes 
The oxime group offers two possible sites for co-ordination 
to metal ions. These are the nitrogen atom and the oximato oxygen 
16. 
atom. Co-ordination through both sites is known and there are three 
different classes of co-ordination commonly encountered3 (see fig 1.4). 
These are: 
(I) Co-ordination through the nitrogen atom. This type of co-ordination 
is known both where the oxime group is intact and deprotonated (oximato). 
In the former the oxime proton may hydrogen bond with adjacent groups 
or ligands. A typical example is the tr~~(bis-(~)-acetaldoxime) 
and trans bis-(acetoxime) complexes of platinum(II)65,66 shown in 
- -
fig. 1.4 (I). These complexes also form with the oxime groups 
successively deprotonated. The ~ complexes have also been character-
ised. Nickel(II) bis-(dimethylglyoxime) complexes are l<nown where the 
oxime groups co-ordinate in the protic form, 67 and a dichloro-
dimethylglyoxime copper(II) complex has been isolated from non-aqueous 
solution.68 In the solid state the oxime groups hydrogen bond to 
clilorine atoms in adjacent molecules.69 
(II) The deprotonated oxime group (oximato) co-ordinates to two metal 
Fig .. 1.4 
Classes of Co-ordinat' .. J.On of 0 . XJ.rrtes t h o Metal Ions 
(I) 
(I I) 
~/ 
II 
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ions: both the nitrogen and the oxygen atoms are utilized. An 
example of this type of co-ordination is a zirconium acetoxime 
complex70 (see fig 1.4 (II)), and oopper(II) bis-(dimethylgly-
oximate) in the solid state where the complex is dimeric and one 
oximato oxygen co-ordinates to the fifth co-ordination site on each 
copper atom. 71 
(III) Co-ordination through only the oximato oxygen. Only a few 
examples of this class of oxime co-ordination are known (e.g. a 
bis(a.-benzoinoxime) titanium(IV) complex)72 Csee fig 1.4 (III)). 
Dioximes have three possible configurations (see fig 1.3 (b)). 
Co-ordination of oximes having the ~'~ configuration (through two 
oxime nitrogens) and the ~'~ configuration (through one oxime 
nitrogen and one oximato oxygen) are known73 but co-ordination of 
the ~ ,~ dioxime is unknown (see fig 1. 5) • 
Single crystal X-ray structure determinations have been 
completed for many oxime complexes.3 Most structures have been 
determined for oximes that are of analytical importance. The 
important features observed are that the length of the e-N double 
bond is generally unaffected by co-ordination and the N-O bond is 
0 generally shortened. Typical e-N bond distances are 1.25- 1.30 A, 
and N-O bond distances are 1.30- 1.44 X.74,75,7G,77,78 
Divalent iron, cobalt, nickel, platinum, palladium, rhodium 
and copper generally co-ordinate two !!£-dioxime molecules in a 
square planar arrangement.3 t 78 In the case of iron(II), cobalt(II) 
and copper(II) the fifth (and sixth) octahedral co-ordina·bion sites 
may be occupied by other ligands. The bis-(dimethylglyoximato) 
copper(II) complex has a crystal structure which shows that one 
axial co-ordination site of each copper atom is occupied by an oximato 
oxygen from the adjacent complex unit. 71 The complex therefore exists 
as dimers in the solid state. 
18. 
Fig. 1.5 
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1.2.2 Thermodynamic Data for Oxime Complexes 
Stability constants have been measured for many analytically 
important metal oxime complexes,79 but few measurements of enthalpy 
so 
and entropy change data have been reported. 
Stability constant data have been reported for the analytical 
reagents dimethylglyoxime, 81 ,S2 ,S3,S4 salicylaldoxime,85 
cyclohexane-1 92-dione dioxime,83 cycloheptane-1 92-dione dioxime,
83 
and a-furilglyoxime64 in their reao·tions with copper(II) and nickel(II) 
ions. Stability constant measurements have been reported on other 
structurally related dioximes, such as diphenylglyoxime 9 Sl~ ethyl-
methylglyoxime,83 diethylglyoxime, 83 and alkyl substituted cyclohexane-
192-dione di~ximes. 83 Numerous measurements of stability constants 
have been reported for ligands containing only a single oxime group;79 
these include furil-2-aldoxime, 86 pyridine-2-aldoxime,S?,SS and 
derivatives of salicylaldoxime substituted in the 5 position. 85 
The stability constants for the tridentate ligand 1-amino-4,'-t-
dimethyl-3-azahexan-5-one oxime with nickel(II) and copper(li) ions 
have been reported89 and for the mixed ammine acetoxime complexes of 
platinum(II). 65 
Some data for dioxime complexes of nickel(II) and oopper(II) 
are presented in table 1.1. These data show that in general 
log K1 - log K2 ~ 0.9 for dioxime complexes. The predicted ratio of 
stability constants calculated from statistical considerations for 
bidentate ligands forming square planar complexes is K1/K2 = 8,
90 
and for most complexes other factors contribute to make K1/K2 > > 8 
(i.e. log K1 - log K2 > >0.9). The second factor to emerge from the 
stability constant data. is the high stability of oxime complexes. 
Vic-dioximes generally form complexes of lower stability than ;,_,._.. . 
ethylenediamine but of higher stability than 2,2 1-dipyridyl in solvent 
water. This illustrates the anomalous behaviour of the stabilities of 
21. 
TABLE 1.1 
Stability Constant Data for Some Oximes, Dioximes and Amines. 
Oxime Hetal Ion log K1 
a log K2b 
0 Solvent, T( C) 
Dimethylglyoxime0 cu2+ 11.9 11.2 50)6 dioxane, 25°C 
Dimethylglyoxime c Ni2+ 11.6 10.5 
" " 
Dimethylglyoxime0 zi+ 7·7 6.2 " " 
o;-furilaldoximed cu2+ 8.5 8.1 7'3/o dioxane, 25°C 
cx.-furilaldoximed Ni2+ 6.9 5.8 II II 
Salicylaldoxime e cl+ (K2>K1 i log ~2=21.5) II II 
Salicylaldoxime e N.2+ 6.9 7.4 
" 
II l. 
Dimethylc;lyoxime f Ni2+ 7.9 9.1 H20 ' 25°C 
Ethylmethylglyoxime f Ni2+ 7.3 10.0 H20 ' 250C 
Nioxime f Ni2+ 8.5 8.8 H20 ' 250C 
Ethylenediamineg cu2+ 10.2 8.8 H20 ' 25oC 
2,2'-dipyridylg ci+ 8.1 5.0 H20 25°C 
a_ • 2+ - + 
.!''Or the reactl.on l1 + IJI ~ MIJI (IJI2 = oxime or dioxime) • 
bFor the reaction MIJI+ + IJI- ~ M(IJI) 2 • 
°From ref. 81. 
~rom ref. 86. 
dioximes as predicted from their basicities. 'rhe overall basicity 
(~ pK 9s) of dimethylglyoxime is < -1 whereas those of ethylene-
a 
diamine and 2,2'-dipyridyl are 1'7.091 and ca. 4.o92 respectively. 
Enthalpy and entropy change data for the co-ordination of 
oximes is sparse. The enthalpy changes for complexation of dimethyl-
glyoxime to nickel(II) and copper(II) ions have been determined82 by 
the temperature variation method. These data are shown in table 1.2. 
The enthalpy change for formation of the bis-(dimethylglyoximate) 
complex of copper(II) is approximately half that for the bis-(ethylene-
diamine) complex. The data suggest that the driving force for the 
formation of the dimethylglyoxime complexes is derived largely from 
the increa.se in entropy. This has been related to the desolvation 
of the oximato group and the metal ion in forming the neutral complex. 
The enthalpy and entropy changes for the formation of the 
nickel(II) and copper(II) bis complexes of 2-amino-2-methylbutan-3-one 
oxime and its N-methyl, N-ethyl and N-propyl derivatives have been 
determined89 , 93 and the relative strengths of the intramolecular 
hydrogen bonds in these complexes determined. The data ha.ve been 
interpreted in terms of a decrease in solvation on increasing the 
size of the N-alkyl substituent, and suggest that the strengths of the 
hydrogen bonds in the nickel complexes are greater than those in 
the copper complexes. The enthalpy and entropy changes for the 
reaction of phenylpyridine-2-ketoxime with nickel(II) and zinc(II) 
ions have been repor·ted. 94 
Thermodynamic data are published for only one 0-methyloxime 
22. 
ligand. The stability constants for the formation of the manganase( II), 
cobalt(II), nickel(II), copper(II) and zinc(II) complexes of the 0-methyl 
ether of dimethylglyoxime have been determined81 ' 82 (table 1.3). No 
enthalpy or entropy data were reported. These data show that the 
dimethylglyoxime 0-methyloxime complexes of the metals studied have a 
TABLE 1.2 
Thermodynamic Data for the Reaction of Dimethylglyoxime (HL) 
with Nickel(II) and Copper(II) Ions.a 
Metal Ion 
Ni2+ 
cu2+ 
(~+ + 2L- .= ML2 ) 
-1 6H (kJ mol ) 
8.8 
-58.1 
~rom ref. 82; solvent 5afo dioxane 
TABLE 1 .. 3 
445 
253 
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Stability Constant Data for the 0-methyloxime of Dimethylglyoxime. 
Metal Ion log K1 
a log K2 
b log 1:32 
c 
Mn2+ 6.18 5.42 11.60 
Co 2+ d 9.80 6.25 16.05 
Ni2+ c 6.38 5.69 12.07 
2+ c Cu 9.5 6.6 16.1 
2+ c Zn 7.47 6.89 14.36 
~or the reaction r-f+ + J.J- .= ML + (HL = dimethylglyoxime 
o-methylether) 
b + -For the reaction ML + L .= ML2 
°From ref. 82; solvent 50?0 dioxane 
~ron ref. 81; solvent 5076 dioxane 
greatly lowered stability compared to the corresponding dimethyl-
glyoxime complexes. This lowered stability was rationalized in 
terms of loss of hydrogen bonding in the 0-methyloxime complexes, 
and steric hindrance associated . 81 82 w~th the o-cH3 groups. ' 
However these workers overlooked the possibility of the different 
co-ordinating power of the C::::NOH and C=NOCH3 groups. The data 
obtained for the 0-methyloxime complexes show that the ligand only 
co-ordinates after the loss of an oxime proton. 
Much of the thermodynamic data available on oximes and oxime 
complexes result from measurements in non-aqueous solvents;?9 this 
is because of the low solubility of the oxime ligands or complexes 
in water. The solubility products of the niclcel(II) complexes of 
dimethyl-, ethylmethyl-, diethyl- and dipropyl- derivat:i.ves of 
glyoxime, of c;yclohexane-1 ,2-dione dioxime, and its 3-methyl, 
L~-methyl and '+-propyl derivatives, and of cyclohepta.ne-1 ,2-dione 
dioxime have been determined.95 The heats of solution of nickel(II) 
and copper(II) dimethylglyoxime complexes,96 ,9'7 and the nickel(II) 
complex of ethylmethylglyoxime97 have been reported for a variety of 
solvents. In nickel(II) bis-(dimethylglyoximate) metal-metal bonding 
occurs :i.n the solid state whereas no such bonding occurs for 
~-nickel(II) bis-(ethylmethylglyoximate) or in copper(IJ.) bis-
(dimethylglyoximate). Comparison of the heats of solution of these 
complexes suggested that the metal-metal bond stabilizes the complex 
-1 by ~· 42 kJ mol but measurement for the dimethylglyoximate complex 
of copper(II) suggests that solvation may be important. 
For dn transition metal ions the crystal field stabilization 
energy is a contributing factor to the overall enthalpy change for a 
complexation reaction. 98 ,99 However the position of dimethylglyoximate 
j.n the spectrochemical series is not listed in the extensive tabulations 
of the series by Jorgensen100 or by Cotton and Wilkinson. 101 
The spectroscopic data reported for nickel(II) bis-(dimethylgly-
. t )102 t ox~ma e sugges that the ligand generates a crystal field 
splitting slightly greater than ethylenediamine. 100 
1.2.3 Proton Co-ordinated Oximes 
On co-ordination of a metal ion to ligands such as amines 9 
. 88 103 104 105 106 ox~mes, ' water and hydroxylamine, ' which contain an 
acidic proton adjacent to the donor atom, the acidity of that proton 
is observed to increase. For the ligand pyridine~2-aldoxime the pK 
a 
of the oxime proton is 10.22. On co-ordination to iron(II) to form 
a tris complex the second and third pK values were measured as 
a 
3.36 and 7.13 respectively. 88 The first pK was too low to measure. 
a 
For the copper(II) bis complex the first and second proton dissocia-
tion constants (pKa) were measured as 2.77 and 6,.70 respectively. 87 
The increase in the acidity of the oxime proton by up to 7.4 pK 
units was rationalized :i.n terms of stabilization of the oximato 
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group by conjugation with the pyridine ring, the metal ion stabilizing 
one of the canonical forms. A smaller increase in the acidity of an 
oxime proton is observed in the ~-diammine bis-(acetoxime)-
platinum(Ir.) complex65t66 where the first and second pK values 
a 
are 5.66 and 7.40 respectively. This increase in acidity can only 
result from an inductive interaction between the metal ion and the 
oxime 0-H bond.. This contrasts with copper(II) bis-(pyridine-2-
aldoxime) where oonjugative as well as inductive effects may be 
important. 
The formation of intramolecular hydrogen bonds also enhances 
the formation of oximato complexes. This accounts for the lower pK 
a 
for the first deprotonation from the copper(II) bis-(pyridine-2-aldoxime) 
complex. 
The effect of prot()n_p.isS()()iati?rl; _fr~m the oxime group is 
to enhance its donor strength. Dimethylglyoxime 0-methyloxime will 
only co-ordinate to metal ions in the oximato form. 81 , 82 The 
increased donor strength of the oximato group compared to the oxime 
group is illustrated by the copper( II) complexes of 1-amino-L~ ,4-
dimethyl-3-azahexa.n-5-one oxime. 89 With the ligand in the oxime 
form A. :::: 587 nm but on deprotonation ( oximato form) the 
max 
ligand field strength increases to give A. = 518 nm. 
max 
1.2.4 Hydrogen Bonding in Oxime Complexes 
Metal oxime complexes often involve strong intramolecular 
hydrogen bonds. 2 ' 3 Hydrogen bonding may occur where an oxime group 
(containing an electropositive hydrogen atom) and an oximato or 
phenoxide group (affording e. negatively charged oxygen atom) are 
in the same co-ordination sphere. This type of hydrogen bonding 
occurs in vic-dioxime complexes, and in other metal complexes where 
two oxime ligands are adjacent to each other e.g. the cis diammine 
bis-(acetoxime) platinum(II) complex65 and in salicylaldoxime com-
plexes of manganese(II) 9 iron(II), cobalt(II) and zinc(II).2 The 
common feature is two oxime groups occupying ad;jacent co-ordination 
sites on the metal ion. The most widely studied complexes contain-
ing strong intramoleculelr hydrogen bonds are the transition metal 
~-dioxime complexes, and numerous single crystal X-ray structure 
determinations have been performed on this type of complex.78 , 107, 
108,109,110,111,112 The structure determinations show an 0-0 
0 distance of between 2.33 and 3.03 A j_n dioxime complexes. For 
0 0-0 distances of between 2.33 and 2.,50 A the hydrogen bond is 
expected to be symmetrical.3 This situation occurs in many complexes 
26. 
. 78 113 74 75 (e.g. NJ.(Hdmg) 2 , Pd(Hdmg)2 and various cobalt(III) complexes ' ). 
On increasing the 0-0 distance the hydrogen bond becomes non-symmetric. 
27. 
IJ.lhis situation is observed in the crystalline bis-(dimethylglyoximato)-
o 
copper(II) dimer where there are two different 0-0 distances (2.70 A 
and 2.53 ~ 71, 108). The weaker (longer) hydrogen bonds involve the 
oximato o~7gens which are also bonded to the fifth co-ordination 
site on a copper atom. In solution these metal-oxygen bonds are 
broken and symmetric hydrogen bonds are thought to result. 
Apart from X-ray structure analysis the strongest evidence 
for hydrogen bonding in oxime complexes comes from their infrared 
spectra. Infrared investigations113' 114 have shown that the stretch-
-1 ing mode of the 0-H---o group has a frequency between 2200 and 2700 em 
-1 114 
and the bending mode a frequency near 1700 em • Burger ~ al 
have estimated the strength of the hydrogen bond from the observed 
0-H---o stretching frequency. In. dimethylglyoxime complexes the 
order of hydrogen bond strengths for a range of metal ions is 
Ni(II)- Pd(II)- Pt(II)- Cu(II)>> Fe( II)- Co( II). 
In dimethylglyoxime complexes the formation of hydrogen 
bonds between adjacent ligands stabilizes the bis-(dimethylglyoximate). 
As a result the stability constant for the bis complex is often 
greater than that for the mono complex64 ,84 ,85 which contrasts with 
the situation for most bidentate ligands where the second formation 
K 
constant ~(ML + L ~ ML2) is less than the first formation 
K1 2 98 
constant K1 (H + L ~ ML). ' The ratio K2/K1 shows that the 
hydrogen bond strength decreases in the order Cu(II) > N:i.(II) >Co( II)> 
Fe( II). 
~Bonding in Metal Oxime Complexes 
On co-ordination of an oxime to a metal ion a co-ordinate 
bond develops between the lone pair of electrons in the nitrogen 
2 
sp orbital and the available orbitals (s, p, d) on the metal. If 
the metal t 2 orbitals are occupied it is possible for back co-ordination g . 
to occur from these orbitals ·to the oxime liga.nd ~ orbital (see 
fig 1.6). The strength of the ~back bond relates to the relative 
energies of the t 2g and ~* orbitals. The stability of the t 2g 
orbitals is given by the third ionization potential of the metal 
ion. The third ionization potential increases from iron to zinc in 
the first row transition metals and iron(II) complexes are expected 
to form the strongest ~ co-ordinate bonds(assuming that the energy 
of the ligand~* orbital is greater than that of the metal t 2g 
orbitals~. The strength of 'JC back bonding is also related to the 
degree of overlap of the ?C* and t 2g orbitals. The geometry of the 
co-ordinated oxime group in relation to the metal orbitals will 
decrease the efficiency of this overlap. 
~ bonding in metal oxime complexes was first postulated by 
Willia.ms115 on the basis of spectrophotometric measurements. 
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Further experimental evidence for~ back bonding comes from infra.red, 114 
e.p.r. 116 and stability constant data. 84 ~.back bonding places 
eleC'I::ron density in the C-N ~ molecular orbital, and a. decrease 
in the strength of the C-N double bond is therefore expected. The 
C=N stretching frequency of iron(II), coba.l.t(II), nickel(II) and 
copper(II) bis-(dimethylglyoximate) complexes show114 that the 
strength of the ~ ba.ck dona.tion increases in the order Cu(II) < Ni(II) < 
Co(II)< Fe(II). E.p.r. measurements on various copper(II) a- and 
(3-dio.ximates support the postulate of~ donation from the metal to 
the ligand in these complexes. 116 The stability constants of the 
dimethylglyoxime complexes of the transition metals manganese(II) to 
zinc(II) indicate that the iron(II) mono complex has a greater 
ste.bility (l-7n <Fe~ Co< Ni> Cu '> Zn) than that predicted from the 
Irving-Williams series (Mn <Fe< Co< Ni < Cu > Zn). 81~ A similar 
result is obtained for diphenylglyoxime. 84 It can be inferred that 
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Fig. 1 .. 6 
Showing the (minimal) Overlap Between Oxime 11.* 
and Metal t 2g Orbitals 
this extra stability results from the ability of Fe(II) to form 
stable 7C bonds. 
Other forms of '!\ delocalization have been postulated to 
contribute to the high thermodynamic stability of the vic-dioxime 
complexes. Delocalization has been postulated for the 'lC-electrons 
in the 5-membered chelate ring of dimethylglyoxime complexes. This 
delocalization would use the partially filled unhybridized p orbitals 
of the ligand carbon and nitrogen atoms and the t 2g orbitals of the 
metal. 107 The single crystal X•ray structure analysis indicates 
however, that little cyclic delocalization occurs in the bis-
(dimethylglyoximate) copper(II) complex. Cyclic delocalization 
has also been suggested in the hydrogen bridge ring of dimethylgly-
oximate complexes, this delocalization utilizing the metal t 2g 
orbitals and the nitrogen and oxygen p orbitals. 117 
1.2. 6 Met_e}-:Me·~:.?-1 Bondillfs in Oxit~e Complexes 
The X-ray crystal structure of bis-(dimethylglyoximato)-
nickel(II)78 shows the square planar units to be stacked one above 
the other throughout the crystal lattice. Alternate complex mole-
cules are staggered at 90° to each other and the nickel atoms, which 
0 
are separated by 3.23 A,form long chains throughout the crystal. 
Isomorphous structures are observed for the palladium(II) 112 and 
platinum(II) 110 bis-(dimethylglyoximate) complexes, as well as for 
the~ form of bis-(ethylmethylglyoximato) nickel(II). 118 Because 
of the short metal-metal distances in these crystal structures 
metal-metal bonding has been postulated. 119 
The metal-metal bonding may be described in terms of 
. 119 120 121 
molecular orb~tal theory. 9 ' The order of metal energy 
levels in a square planar complex molecule is as shom1 in fig 1.7. 
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Fig. 1.7 
Hetal-Metal Bonding in M(Hdmg)2 
Isolated N(Hdmg)2 
1t 
1~ 
Effect of d 2 and Pz 
z 
on the approach of a 
second M(Hdmg) 2 
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Effect of bonding 
between M(Hdmg)2 
units in a chain 
On approach of a second metal complex unit along the z-axis of 
the molecule the d 2 atomic orbitals overlap to form a bonding z 
and antibonding molecular orbital. A s:i.milar bonding and anti-
bonding orbital is formed from the two p orbitals. The bonding 
z 
and antibonding orbitals from the d 2 orbitals are both filled z 
and no net bonding interaction truces place. If a large number 
of orbitals overlap in this way then an orbite.l band is formed. 
The d 2 band is completely occupied while the p band is empty. z z 
One criticism of this description for the bonding in metal chain 
compounds is that no bonding truces place in the ground state; 
the number of antibonding electrons is equal to the number of 
bonding electrons. However if some electrons are promoted 
from the d 2 band to the p band, or if the complex is partially z z 
oxidised, an overall bonding interaction results. The gold(I)-
gold(III) bis-(dimethylglyoximate) complex consists of gold(I) 
and gold(III) units alternating in a chain structure in the solid 
122 
state. An overall bonding interaction also results if some 
mixing of the d 2 and p orbitals occurs. z z 
A theoretical molecular orbital calculation123 on the 
metal-metal bonding in bis-(dimethylglyoximato) nickel(II) indicates 
that some mixing of energy levels must occur for a bonding inter-
action to result in the ground state of the molecule. These 
calculations indicate that the stabilization of the metal-metal 
6 -1 bond is only ~· 7 J mol • 
The earliest evidence for metal-metal bonding in dimethyl-
glyoxime complexes came from solubility measurements. The extremely 
low solubility of nickel(II) bis-(dimethylglyoximate) was thought 
to result from the stabilization of the solid state by the formation 
of metal-metal bonds. It has been inferred from solubility data that 
32. 
the strength of the metal-metal bond in crystalline nickel(II) 
97 
bis-(dimethylglyoximate) is~· 41.8 kJ mol-1 (see section 1.2.2). 
Comparison of solubility products for complexes with their 
metal-metal bond lengths suggests only a partial correlation exis·ts. 
The solub:i.lity product decreases with a decrease in metal-metal 
bond length only for ligands which are structurally related95 
e.g. the structurally related ligands cyclohexane-1,2-dione dioxime 
(nioxime), 3-methyl nioxime and cycloheptan-1,2-dione dioxime 
(see table 1.4). The solubility product refers to the composite 
reaction 
1 
K 
NiL2(s) ~ Ni12(aq) ~2 , Ni(aq) 2+ + 21-(aq) 
where HL is a dioxime ligand, Ks is the solubility of the complex 
NiL2 and ~2 is the overall formation constant for the complex NLt2 • 
However nickel(II) bis-(dimethylglyoximate) has a higher solubility 
(K ) than that predicted from the crystalline nickel-nickel bond 
s 
distance. 83 Varying solvation of the complexes may explain these 
results. Structural variations in the ligands have also been 
correlated with solubility. 124 
'rhe presence of a metal-metal interaction may also be inferred 
from absorption spectra. Crystalline bis-(d:i.methylglyoximato)-
nickel(II) shows bands at 500 nm and 190 nm which are polarized 
parallel to the crystallographic c axis (axis of metal-metal bonds) 
and are absent in solution spectra. 102 However, interpretation of 
these bands does not require metal-metal bonding but only requires 
an electrostatic interaction between neighbouring complex units. 125 
Conductivity measurements on solid bis-(dimethylglyoximato)-
nickel(II) have indicated that the conductivity along the c axis is 
105 times as great as in compressed powder discs. 126 The conduction 
was increased by an increase in temperature, suggesting that electron 
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TABLE 1.4 
Solubility Products and Nickel-Nickel Bond Distances 
for Some bis(dioximato)nickel(II) Complexes.a 
Dioxime 
Dimethylglyoxime 
Nioxime 
3-methylnioxime 
Cycloheptane-1 92-dioxime 
~rom ref. 95. 
0 
Ni-Ni in Solid State (A) 
3.233 
3.237 
3.470 
3.596 
-24 2.2 X 10 
4.1 X 10-29 
2.4 X 10-28 
-27 2.3 X 10 
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promotion from the d 2 band to the p band increases conductivity. z z 
The crystal therefore acts as a semiconductor. 
1.3 ANALYTICAL APPLICATIONS OF OXIMES 
The analytical application of oximes for the determination 
of metal ions is a consequence of the high stability and low 
solubility of the complexes. Stability is enhanced by: 
(1) the formation of metal to ligand~ bonds, and 
(2) the formation of strong intramolecular hydrogen bonds in the 
complexes. The low solubility of the metal oxime complexes in 
water, which has been attributed to the formation of metal-metal 
bonds, facilitates their application in gravimetric analysis and 
in solvent extraction. 
The stability of oxime complexes is much higher than that 
predicted from the basicity of the oxime nitrogen; this has been 
attributed to metal to ligand~ bonding. 114 The result of hydrogen 
bond formation between adjacent oxime groups is to increase the 
stability of the bis complex. Measurements of the stability con-
stants of dimethylglyoxime complexes of cobalt(II), nickel(II), 
copper(II) and zinc(II) 84 show the ratio K1/K2 to be less than 
35. 
expected on the basis of statistical considerations (see section 1.2.2). 
For the bis complexes of iron(II), nickel(II), copper(II) and 
zinc( II) with cx.-furilglyoxime6l~ and for the cobalt( II), nickel(II) 9 
copper( II) and zinc( II) complexes of salicyla.ldoxime K/~ < 1.0. 85 
The overall stabilities of the bis-(salicylaldoxime) complexes with 
nickel(II) and copper(II) ions are given by log ~2 14.3 and 21.5 
respectively. 85 No mono-(salicylaldoxime) copper(II) complex was 
detected. The effect of the high stability is that a lower excess 
quantity of ligand (or a lower pH) is required to effect complete 
formation of the bis complex (compare fig 1.8(a), (c) and (d)). 
A further consequence of the high stability of the bis 
complex is to reduce the relative concentration of the mono 
complex in solution. When K1 = K2 the maximum concentration of 
the mono ligand species is only 33% of the total metal present 
whereas when K1 = 10
4 K2 98% of the total metal ion may be present 
as the mono complex (see fig 1.8(b) and (c)). If K2 > K1 then 
the mono ligand complex is of only minor importance (never the 
major metal species in solution) at any time in the analytical 
determination of the metal ion. 
Most oxime and dioxime reagents commonly used in gravi-
metric analysis have a low solubility in water. In order to 
prevent precipitation of the o:rge.nic :reagent along with the metal 
complex an excess of the organic :reagent must not be added. The 
high stability of dioxime complexes ensures that the amount of 
organic :reagent added is kept to a minimum. 
Solubility F~ct~s 
Gravimetric determinations of metal ions requires a com-
plex to have a low solubility to facilitate its collection and 
weighing. Many dioxime complexes have this property and the low 
solubility can be attributed to: 
(i) the presence of a large hydrophobic group in the complexes 
(salicylaldoxime, dimethylglyoxime ligands), 
(ii) the zero charge on the complexes (resulting from loss of 
protons from the ligands), and 
(iii) the stabilization of the crystal lattice of the complexes 
through metal-metal bonding. 
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Fig. 1.8 
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Dimethylglyoxime forms a. more stable complex with pa.lladium(II) 
than with nickel(II). Pa.lladium(II) can therefore be determined in 
the presence of nickel(II) ions at low pH (where the nickel(II) 
complex will not form). 2 On increasing the pH the nickel(II) 
complex forms but the palladium complex does not interfere because 
of the tendency of the metal-metal bonded palle.dium(II) complex to 
form a monomeric hydroxy species [Pd(Hdmg)20H]- with an mr 
co-ordinated in the trans octahedral position. 2 
1.3.3 Solvent Extraction Techn:!:ques 
Many oxime complexes are observed to have a higher solubility 
' . 1 t th . t 124 Ut'li t' f th' 11 ~ organ~c so ven s an ~n we. er. ~ za ~on o· ~s a ows 
water insoluble metal oxime complexes to be extracted into an organic 
phase and the concentration to be determined colorimetrically. 127 
For example this process is used to determine nickel by extracting 
the red dimethylglyoxi~~te complex into chloroform at pH 7- 12. 127 
The amount of complex extracted into the organic phase will depend 
upon a number of factors. 4' 127 These include the pH, the ionization 
constants for the ligand in aqueous solution, the formation constants 
for the complex and the distribution constants for the complex and 
ligand between the organic and aqueous phases. Optimum pH and con-
centration conditions can be determined to maximise the amount of 
complex extracted into the organic phase or to maximise the separa-
tion of different metals. 
Similar solvent extraction techniques with oxime reagents 
have been used in the commercial extraction of metals from leachates. 128 
Salicylaldoxime analogues have been found to selectively extract 
copper(II) ions from iron(III) ion solutions. The extraction reagents 
often contain a long alkyl chain para to the phenolic hydroxyl group 
to reduce solubility in the aqueous phase. To further reduce solubility 
the aldehydic proton is replaced by a second phenyl group i.e. the 
extraction reagent is an alkyl substituted a-hydroxybenzophenone 
oxime. 
1.4 THIS WOHK 
Oxime complexes are stabilized by (1) deprotonation of the 
oxime and (2) hydrogen bonding. In most cases these two processes 
occur simultaneously and the aim of this work has been to prepare 
ligands for which these two important processes can be studied 
separately in the formation of their metal complexes. The ligands 
chosen were H2dddo, Hddmo and dddm (see fig 1.9). These ligands 
generally form 1 : 1 complexes with metal ions. Within this series 
of ligands the formation of Cu(H2dddo)
2
+ can be compared with 
Cu(Hdddo)+ to determine the increase in the stability of oxime 
complexes associated with the simultaneous oxime deprotonation and 
intramolecular hydrogen bond formation. Comparison of the thermo-
dynamic data for the 1 : 1 complexes of Hddmo and ddmo- yields 
information on the effect of deprotonation (in the absence of 
intrrunolecular hydrogen bond formation) on complex stability. 
Comparison of the stability of Cu( dddm/+ with the corresponding 
1 : 1 copper(II) complexes of H2dddo and Hddmo gives information 
on the relative donor strengths of the ::::NOCH3 and =NOH functional 
groups. 
Log K (potentiometric), 6H (calorimetric) and 6S values 
for the formation and deprotonation reactions of the ligands Hddmo 
and dddm with copper(II) ions have been determined and the data 
compared wi'th that for the diamine dioxime H2dddo as de·termined by 
129 Hedwig. 
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Fig. 1.9 
Lige.nds• stru t 
. • c ures and Abbreviations 
( 
0 
dddk 
NOR
1 
R1=R2=H; H2dddo. 
R1=H,R2=CH3; CNH NH 
Hddmo. 
R1=R2=CH3; dddm. 
( 
NOR R=H ; Hdno. 
R=CH3; dnm. 
The relative donor strengths of the oxime and o-methyloxime 
functional groups was assessed from log K data for the reaction of 
Hdno and dnm with copper(II) ions. Models of the complexes 
Cu(Hdno)2+ and Cu(dnm)2+ do not indicate any steric hindrance 
associated with the oxime OR group whereas in the corresponding 
complexes of H2dddo; Hddmo and dddm models indicate that steric 
effects may contribute to the magnitude of log K. 
The effect which change of metal ion has on the tendency 
of the co-ordinated oxime group to deprotonate (and hydrogen bond) 
was determ:i.ned for the divalent metal ions iron, cobalt, nickel, 
copper and zinc by measurement of the stabilities of the complexes 
of these metal ions with H2dddo and Hddmo. 
The protonation constants (amino) for the ligands Hddmo, 
dddm, Hdno and dnm have been determined and the corresponding 
Lm (calorimetric) and 6S data determined for Hddmo and dddm. 
The relative tendencies of the oxime and 0-methyloxime 
functional groups to undergo ~-~ isomerization in acid solution 
ha.s been investigated. 
'+1. 
CHAPTER 2 
TH.ERMODYNAMIC CONSIDERATIONS 
0 The determination of the free energy change ~G for an 
equilibrium reaction requires a knowledge of the activity quotient 
for the equilibrium K0 (thermodynamic equilibrium constant) • After 
determination of the enthalpy change ~H0 , the entropy change ~S0 
is determined from 
2.1 
0 0 This chapter outlines methods of determining ~G and 6H and some 
of the factors which determine the magnitude of the thermodynamic 
functions. The determination of hydrogen ion concentration is also 
discussed. 
2.1 DEI'ERMINATION OF ~G0 , 6H0 AND ~S0 
2.1.1 Determination of the Constant 
The determination of an equilibrium activity quotient 
requires a knowledge of the activities of all species taking part 
in the equilibrium reaction. 
defined as 
The activity a of a species X is 
X 
where [X] is the concentration of X in solution and Y is the 
X 
single ion activity coefficient of X. The activity coefficient 
2.2 
is a function of the ionic strength of the solution. For a general 
equilibrium 
aA + bB cO + dD I 
42. 
the thermodynamic equilibrium constant is defined as 
[C]c[D]dy~y~ 
a b a b [A] [B] YAYB 
In order to determine K0 the activity coefficients y. need to 
J.. 
be lcnown. Experimental values of the activity coefficients can 
only be obtained for pairs of ions in solution, 13° and only 
limited data are available. Empirical equations for y. generally 
l. 
apply to single electrolytes in dilute solution. The usual method 
of determining K0 is to consider it as a function of the concentra-
tion quotient K , where 
c 
K 
c 
and of the ionic strength (I); i.e. 
K0 = K .f(I) 
c 
The extended form of the Debye-Huckel equation can be used to 
calculate values for mean activity coefficients; 
+ CI 
where y+ is the mean activity coefficient for the positive and 
negat1.ve ions taking part in the reaction; A, B and C are constants 
dependent on the nature of the ions in solution, the solvent and the 
temperature; and Z+ and Z are the charges of the positive and 
negative ions respectively. Substitution of equations 2.4 and 2.6 
into equation 2.3 gives an equation for the thermodynamic equilibrium 
43. 
constant in terms of the concentration quotient and the ionic strength. 
In practise the value of K may be determined at a variety of ionic 
c 
strengths and log K is plotted against a function of the ionic 
c 
strength such that the plot is linear. At zero ionic strength 
(where all activity coefficients are unity) log K ::::: log K0 • 
c 
2.1.2 
The chemical potential of a species i is defined relative 
to a standard state as 
+ RT ln a. ~ 
where !l? is the chemical potential of the species i in the standard 
~ 
state and a. is the activity of the species i. The free energy 
~ 
change for a reaction at constant temperature and pressure is 
defined as the chemical potential of the products less that of 
the reactants. Thus for reaction I 
Substitution of equation 2.? into equation 2.8 gives 
c d 
ac~ 
:::: 
For e. reaction at equilibrium LlG == 0 and hence 
2.8 
2.10 
If K0 can be determined at a constant temperature the free energy 
change 6G0 can also be determined. 
2.1.3 Enthalpy and Entropy~Ch~p~s 
Two methods exist for determining the enthalpy change for a 
reaction. These are (1) the temperature variation method and (2) the 
direct calorimetric measurement method. 
Variation Method The free energy change for a reaction 
is composed of the enthalpy change and the entropy change according 
to equation 2.1 or 
+ 
At constant pressure 
The enthalpy change can therefore be determined from the change 
in ln K0 with temperature. This approach requires that the 
equilibrium constants are known very accurately and that a wide 
2.11 
temperature range is used. However~if there is a large variation 
of 6H0 with temperature, the relation 
0 2 log K ~ a + bT + cT 2.12 
must be solved for the parameters a, b, and c. Equations 2.11 and 
2.12 then yield 
2 2.303 RT (b + cT) 2.13 
and 6H0 may be determined from equation 2.13. 
Direct Calorimetric Measurement The direct measurement of the 
enthalpy change for a reaction in a calorimeter is a superior 
method for determining the enthalpy change for a reaction. 98 This 
method was used in this work. 
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0 0 Once the free energy change (6G ) and the enthalpy change (fi.H ) 
are known the entropy change for a reaction can be derived from 
equation 2.1. 
0 0 Under certain circumstances both log K and ~H may be 
determined in the same experiment. Such an experiment is known 
as an "entropy titration". 131 ' 132 The condition for the technique 
to be applicable to an equilibrium system is that the formation of 
the products of the equilibrium must be appreciable but incomplete 
under the reaction conditions (i.e. 2 < log K < 4). 133 There exist 
unique values of L\H0 and log K0 which satisfy the equations relat-
ing the concentration of the species in solution and the observed 
heat changes for all stoichiometries of the reactant species. The 
11best11 values of log K and ~H have been found by graphical and 
least squares processes. 131 ' 132 rrhe technique has been used to 
determine thermodynamic data for the proton ionization from 
131 
and for the reaction between metal ions (zinc(II), 
magnesium( II) and calcium( II)) and sulphate ions, 134 though some 
critical analyses have been offered. 132 
2. 2 EFFECT OF AN INERT ELECTROI .. YTE ON TH1~ THEHMODYNAMIC 
P .A.RAJVIJ!.'TERS 
Most measurements made on metal-ligand equilibrium systems 
have involved solutions with a relatively high concentration 
(0.1 - 3.0~1) of e.n 11 inert11 electrolyte. The assumptions made 
are that the 11 inert11 electrolyte does not have specific ionic 
interactions with the species under study and that the activity 
coefficients of the reacting species do not change with different 
concentrations of reactantsli.e. the activity coefficients of the 
reacting species are determined only by the ionic strength of the 
solution. Equations 2.3 and 2.10 give 
-RT ln K 
c 
46. 
A "free energy" term can be defined for an ionic strength other 
than O.ON as 
~G 1 = -RT ln K 
c 
and equation 2.14 becomes 
For the purpose of comparing free energy changes it is assumed 
has the same magnitude in the systems under comparison. 
2.15 
A similar expression for the effect of ionic strength on 
enthalpy changes can be derived from equations 2.3 and 2.11 as 
~H1 = RT2 ~cl_ 
aT 
The relation 
= n. 2x10-3 log y. 
l. l. 
2.16 
2.17 
where theterms n. are the exponents of the activity coefficients in 
l. 
equation 2.3, has been found to hold approximately at ambient temp-
eratures,98 and substitution of equation 2.6 and 2.17 into equation 
2.16 yields 
AI -a-
_1 
1 + BI2 
l:.n.Zi2 
J. l. 2.18 
48. 
where n. is positive for product species and negative for reactants. 135 
~ 
Thus for a reaction where ~n.z. 2 
~ ~ 
0 1 
= o, .6H ~ .6H (e.g. for the reaction 
H+ + L "" HL +). For a reaction where ~n.z. 2 = 2 (e.g. HL+ + H+ ""H2L2+) J. ~ 
.6H0 ::: .6H 1 - 0.8~ kJ mol-1 for .6H1 measured at I = 0.1H and .6H0 = 
.6H1 - 1.41 kJ mol-1 for .6H1 measured at I= 0.5H. 
By substitution of equations 2.15 and 2.18 into equation 2.10 
the entropy change at an ionic strength different from zero can be 
derived as 
+ 2.19 
A secondary standard state is usually defined (e.g. I = 0.1M) 
where the activity coefficients are equated to unity. This procedure 
is valid so long as similar metal-ligand E>ystems are compared at the 
same ionic strength. Under these circumstances the activity coefficients 
of the equilibrium species being compared are assumed to be identical at 
the same ionic strength. 
2.3 FACTORS D:t'TERMINING 'rHE MAGNI'ruDE OF THE TIU!:RHODYNAMIC 
PARAMETERS 
The free energy change for a reaction is dependent on the 
magnitude and sign of the enthalpy and entropy change for that reaction 
at a given temperature according to equation 2.1. 
2.3.1 Free Energy Changes 
In the absence of enthalpy and entropy change data for a 
reaction, free energy changes can only be compared for reactions 
contc:dning similar ligands (and metal ions). If the reactant ligands 
and metal ions, and product metal-ligand species are of similar structure 
then entropy changes for the systems under study are assumed to be 
of similar magnitude and the free energy change is a measure of the 
enthalpy change. 
The magnitudes of free energy changes for metal complexation 
reactions have been correlated with98 (1) the ionic charge and radius 
of the metal ion, (2) the metal ionization potential, (3) the 
crystal-field stabilization energy for the metal complex ion, 
(4) the donor atom or groups, and (5) the basicity of the ligand. 
Enthalpy Ch~nges 
For a metal complexation reaction with a ligand 1, the 
enthalpy change is contributed to by (1) an endothermic heat change 
associated with the breaking of metal-water bonds, (2) an exothermic 
heat change associated with the formation of metal-ligand bonds and 
(3) a heat change associated with different secondary sphere solvation 
of the complex compared to the free metal ion and the free ligand 
molecule. 'rhese contributing factors to the overall enthalpy change 
can be considered in terms of an enthalpy cycle: 
ML2+ 
(g) 
The total enthalpy change in solution (lu~) is given by Hess's Law as 
The heat change associated with the formation of metal-ligand bonds is 
denoted by ~H3 and the heat change involving desolvation of the metal 
ion and lige.nd 9 and solvation of the complex species (factors (1) 
and (3) above) is given by 6H1 + 6H2 - 6H4• 
The importance of these solvation terms is illustrated by 
reference to the reaction between aluminium ions and fluoride ions. 
For the 
-975 kJ 
reaction A13+ + 6F- ----7 AlF l- in the gas phase ~H == 
136 
-1 
mol whereas in aqueous solution the observed enthalpy 
-1 137 
change is 0.42 kJ mol • The difference is attributable to the 
solvation terms 6H1 , 6H2 and Lm4• 
Entropy Changes 
The solvent largely determines the entropy change for a 
reaction. Consider a metal complexation reaction 
+ L (aq) 
Ions and molecules in solution order the solvent molecules because 
of the charge or polarity of the metal ion or ligand species. The 
ordering of solvent molecules about a mete,]. ion can be considered 
to result from two separate phenomena: ( 1) the formatj.on of a 
primary co-ordination sphere in which the metal ion forms co-
50. 
ordinate bonds with the neighbouring water molecules (e.g. Co(H2o) 6
2+), 
and, (2) the formation of a secondary hydration sphere which con-
sists of solvent molecules ordered about the metal ion by dipole-
dipole and dipole-charge interactions. On co-ordination of the 
ligand L the release of a water molecule from the co-ordination 
sphere of the metal ion will contribute a positive entropy change. 
Changes in the solvent ordering ability of the metal aqua and metal 
complex ions will contribute to the entropy change. If (as is 
generally the case) the ligand is to some extent hydrophobic in 
character (e.g. an ethylenic chain linking donor atoms) the complex 
will order the solvent less ·than does the free metal ion and a positive 
entropy change will result. Similarly water molecules released 
from the ligand on co-ordination will contribute a small positive 
entropy change. 
Contributions to the overall entropy change arise from 
changes :i.n the number of degrees of freedom (rotational, vibrational 
and translational) of the ligand on co-ordination to a metal ion. 
There is a decrease in the translational degrees of freedom and 
changes in the vibrational and rotational modes of the ligand 
molecule. These changes me.ke a negative contribution to the overall 
entropy change. 
The Chelate Effect Metal chelate complexes are generally more 
stable than the corresponding complexes conta:i.ning the same number 
of donor atoms formed from monodentate ligands. For example the 
2+ . 2+ 
overall stability of Cu(~m3 )2 ~s less than that for Cu(en) 
(where en represents ethylenediamine) (see table 2.1). The chelate 
effect is considered to be largely an entropy effect. However the 
thermodynamic parameters can be converted to a dimensionless 
unitary function by using a mole fraction scale for concentrations 
. t d ~ 1 l't - 1 98 ~ns ea or mo J. re : 
.6.Gu :::: 6G + 6n RT ln 55.5 
6Hu == MI 
fi.Su == 6s - 6n R 1n55.5 
where 6Gu, 61-Iu and /:,Su are the unitary free energy, enthalpy and 
entropy changes respectively and 6n is the number of moles of 
products less the moles of reactants. When the entropy change is 
converted to the unitary entropy change the magnitude of the effect 
is substantially reduced (see fig. 2.1). 
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TABLE 2.1 
. 2+ 2+ o a Thermodynamic Data for the Format~on of Cu(NH3)2 and Cu(en) at 25 G. 
Reaction 
n 2+ 2NH vU + I 3 
2+ Cu + en 
.= Cu0~)22+ 
.= Cu(en) 2+ 
L!.G 
-1 (k.J mol ) 
-43 .. 4 
-61.1 
L!.H 
-1 (k.J mol ) 
-41.8 
-54- .. 4 
~ata from Poulsen, I., and Bjerrum, J., Acta Ghem. Scand. (1955), 2' 1407. 
L!.S 
(J mol -1 K-1) 
5.4 
22.6 
L!.Su 
-1 -1 (J mol K ) 
71.9 
55.6 
\J1 [\.) 
. 
An explanation of the chelate effect is that formation of 
the chelate complex proceeds in distinct steps. 138,139 In the 
first step the ligand occupies one co-ordination site only i.e. 
M + A-A M-A-A, 
and in the second step the ring is formed, 
M-A-A 
In the second step the effective "activity" of the second donor 
atom is high because of its close proximity to the metal ion. Ring 
closure therefore occurs with greater probability than the co-
ordination of a second monodentate ligand in the equilibrium 
The favourable enthalpy of chelation has been attributed to the 
reduction in donor group repulsive forces in a chelate compound 
138 
compared with two complexed monodentate ligands and to the larger 
53· 
1L~o 
crystal field stabilization energy associated with a chelate ligand. 
Statistical Effects Statistical factors contribute to the entropy 
change under some circumstances. These are best considered in terms 
of an example. For the co-ordination of a monodentate ligand to a 
tetrahedral metal aqua ion there are four possible sites for co-
ordination of the first donor and only one possj.ble site for loss 
of a ligand molecule. .6s1 therefore has a statistical contribution 
lj. 
of +R ln 1· For the co-ordination of a second ligand molecule only 
three sites remain but dissociation of the resultant complex can 
occur in two different ways. M2 therefore has a contribution of 
3 +R ln 2. By similar considerations 6S3 and 6s4 have contributions 
of +R ln ~ and +R ln ~ respectively. 90 The order L'IS 1 > L'IS2 > L'ls3 > 6s4 
contributes to the order K1 )>. K2 > K3> K4• Similar analyses are used 
to determine the statistical contributions to octahedral and square 
planar complexes of mono and polydentate ligands, 90 and to the 
protonation of bases. 141 
2.4 DETERlUNATION OF HYDROGEN ION CONCEN'.rRATION 
The method employed in the present study to determine the 
equilibrium concentration quotients and enthalpy changes was to 
solve a series of mass balance equations to find the equilibrium 
concentrations of all species in solution as outlined in chapter 4. 
Once one concentration is known the concentration of all other 
species in equilibrium with it can be determined. ~'he approach 
used in the present work was to determine the hydrogen ion 
concentration, [H+], and all other required concentrations were 
calculated from this and the mass balance equations. 
For a cell 
glass electrode//test solution/KC1(sat.),Hg2c12(s),Hg(l) 
the e.m.f. is given by 
E = E0 + E + K - ~ ln a.+ as ~J F li 
where E0 is the standard e.m.f. for the cell, E is the asymmetry 
as 
potential.of the glass membrane, ~J is the liquid junction potential 
for the cell and ~F is the activity of hydrogen ions in the test 
solution. 
The e.m.f. of a standard buffer solution is related to the 
defined pH(S) as 
2.21 
54. 
55. 
and for a solution of unknown pH as 
2.22 
X From equations 2.21 and 2.22 the urucnown pH for the test 
solution is given by 
2.23 
pH(S) values for a set of standard solutions have been determined 
in a cell without liquid junction using Pt/H2 and Ag/AgCl electrodes.
142 
These standard buffer solutions set up a conventional activity scale. 
Measurements of pH will only approach this conventional activity 
scale if the residual liquid junction potential (~Jx- ~Js) is 
small. This situation occurs if the ionic strength of the standard 
and test solutions are the same. This is seldom the case. The 
ionic strength of the test solutions used in this work is 0.1M whereas 
the ionic strength of the potassium hydrogen phthalate buffer, for 
example, is 0.053H. 
To convert the measured pi.f from the conventional activity 
scale to the hydrogen ion concentration [H+] the relation 
is required where YH+ is the activity coefficient of the hydrogen 
ion. In practice it is assumed that a simple equation (e.g. equation 2.5) 
accurately defines YH+ for a given ionic strength. 
These assumptions concerning the residual liquid junction 
potential and activity coefficients can be avoided by calibration 
of the cell against solutions of known [H+] and with the same ionic 
strength (and background) as the test solutions. This calibration 
requires a knowledge of accurate concentration quotients for buffer 
systems so as the response of the electrode system to knovm. [H+] 
may be determined. Accurate concentration quotients are known 
for the acetate-acetic acid buffer system143 and the ethylenediamine-
ethylenediammonium buffer system. 141 The concentration quotients 
for the acetic acid system were determined in a cell without liquid 
junction and the ethylenediamine concentration quotients in a cell 
with liquid junction in such a way that the residual liquid junction 
potential was eliminated by extrapolation of data to zero concentra-
tion of buffer. 
This method of calibration can establish a correlation curve 
between [H+] and the measured pH at a fixed ionic strength. ~1e 
correlation is relative to a response of the electrodes to the 
standard buffers and as a result only the response of the cell to 
the standard buffers need be redetermined before use. 
This method of calibration of the cell against solutions 
of known ionic strength and hydrogen ion concentration was used 
in this work (see section 3.1.3). 
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CHAPTER 3 
EXP}l~RIMENT AL 
A. PHYSICAL MEASUHEr'iENTS 
-
All pH measurements used in the determination of protonation 
constants for the ligands, and stability constants for the metal-
ligand complexes, were made using a cell with liquid junction: 
glass electrode//test solution/KCl(sat.),Hg2cl2 (s)'Hg(l)• 
The potential of this cell is given by 
x RT 
+ K - - ln a. + LJ F ii 
where E is the asymmetry potential of the glass membrane and F.~-r Jx 
as JJ 
is the e.m.f. of the reference electrode with KCl(sat) chosen as the 
standard state. The pH for an unknown solution is related to that 
for a standard buffer by 
( - r) + X - K. ) p~+ = pH(s) - ______ _;__ _ --r_JJ_ 
2.303 RT/F 
where pH(S), Es and ~J refer to values determined for a defined 
(conventional) standard buffer (see section 2.4). 
3 .. 1.1 Eg,uipme!!~. 
pH was recorded using a Beckman research pH meter with a 
Beckman E2 glass electrode (type 39()()1~) and a Beckman frit junction 
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calomel reference electrode (type 39071, saturated KCl). The 
thermostatted titration cell and electrode housing have been described129 
andare shown diagrammatically in fig 3.1. For oxygenation studies on 
cobalt complexes and stability constant determinations on the oxygen 
Fig. 3.1 
Thermostatted Titration Cell and Electrode Housing 
calomel electrode--------~+-+ 
nitrogen gas-----~~~--~ 
line ~~~~==~--~ --~--~-4------titrant line 
sensitive cobalt and iron complexes (which required a titration cell 
of limited capacity and no air space) a J~ glass/calomel combina-
tion electrode was used (see section 3.3). 
3.1.2 pH ~alibration against Standard Buffers 
Calibration of the electrodes was effected against the (con-
ventional) primary standard buffers defined by the National Bureau 
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of Standards (N.B.s.) (viz. 1 : 1 phosphate, pH(S) 6.865; borax (0.01m), 
pH(S) 9.183; and potassium hydrogen phthalate (0.05m), pH(S) 4.008). 142 
Standard borax, 1 : 1 phosphate and phthalate buffers were prepared 
1lt-2 
according to Bates, using AnalaR chemicals dissolved in carbonate-
free distiJJ.ed water. Hedwig 129 has shown that buffers prepared in 
this way have pH values identical with those buffers prepared from 
N.B.S, certified chemicals. Fre.sh buffer solutions were prepared 
regularly. 
The electrode system was standardized against these buffers 
before and after each set of titrations. The linearity of response 
to these buffers in a cell with liquid junction was determined by 
measuring the response of the electrodes to the borax and phthalate 
buffers :relative to the 1 1 phosphate buffer as a primary standard. 
WH;h the Beckman electrodes the pH measured (pH ) for the standard 
m 
buffers relative to the 1 1 phosphate buffer were within ~0.001~ of 
the defined pH(S) values. However for the potassium hydrogen phthalate 
buffer the response of the electrode system was not consistent with 
the N.B • .S. scale (pH '+.032, pH(S) '+.008) as described by Hedwig 129 
m 
1l~4 
and confirmed by Taylor. Hedwig also observed pH values of 
m 
1.679 ~ 0.003 for tetroxe.late buffer (pH(.S) 1.679) and 3.570 for 
potassium hydrogen tartrate buffer (pH(.S) 3.557) in cells with liquid 
junction. On the basis of these data a correction curve was established 
and this curve was used to correct data for the pH range 1.7- 5.6. 
1l~4 By use of both Ag/AgCl and calomel reference electrodes Taylor 
has shown that the discrepancies between pH and pH(S) at pH < 5.6 
m m 
arises from the combined effects of (1) a non-Nernstian response of 
the electrodes and (2) the effect of pH on ELJ at pH < 3. 
3.1.3 Electrode as a Ion Concentration 
To obtain protonation quotients and stability quotients from 
pH measurements it is necessary to know the equilibrium concentration 
of hydrogen ion [H+] in solution. The glass electrode measures pH 
(~+) and it is necessary to convert pHm to p[H+]. This was done 
by calibrating the electrode system against buffer systems of known 
[H+] and at a fixed ionic strength as described in section 2.4. This 
avoids assumptions that otherwise have to be made concerning activity 
coefficients and liquid junction potentials. 
The Beckman glass electrode and Beckman calomel electrode 
pair were previously calibrated by Hedwig between pH 2 and 10 by 
titration of stande.rd sodium hydroxide against ( 1) dilute HCl 
solutions, (2) acetic acid solutions and (3) ethylenediammonium 
chloride solutions at constant ionic strength. 145 The electrode 
pair was found to obey the linear relationship 
pH = (0.9951 + 0.0003) p[H+] + (0.088 + 0.002) 
m - - -
The JE~R glass/calomel combination electrode was calibrated 
as a hydrogen ion concentration probe in the range pH 6 - 10 by 
titration of standard sodium hydroxide (0.283N) against solutions 
of ethylenediamine dihydrochloride (~. 2 x 10-3N) at constant ionic 
strength (0.10M NaCl). 
The response of the JE~R electrode to the standard borax 
buffer was found to be pHm 9.152 (pH(S) 9.183) with respect to the 
phosphate buffer. 'rhe concentration quotients for protonation of 
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ethylenediamine at 25.0°C and I = 0.10H were interpolated as 
log k1 = 9.960 and log k2 = 7.105.
141 
For each point on the titration curve the equilibrium 
concentrations of the species m(, B, BH+, BH2 2+ and H+ (where 
B represents deprotonated ethylenediam:i.ne~s are related by the 
following equations 
B + H+ k1 BH+, where k1 
[BH+] 
...---
:::; 
[B][H+] 
k 
BH 2+ 
[BH 2+J 
BH+ + H+ __L where~ 2 ..;:--- ::: 2 ' [BH+][H+] 
B + H20 
1~ BH+ + OH-, where ~ k k1 ---=...:.. = .._.---- VI 
The equilibrium concentrations of these species and the analytical 
(stoichiometric) concentrations of base (ethylenediamine) TB' and 
of titratable protons TH' are related by 
3.1 
and 
TH = [H] + [BH] + 2[BH2J - [OH] 
= [H] + k1[B][H] + 2k1k2[B][HJ
2 
- [OH] 3.2 
where charges have been omitted for clarity. 
TH is found experimentally as the total analytical concentration of 
ionizable hydrogen ions in the initial solution less that removed by 
reaction with the added alkali; 
v X A 
v + v 
where v is the volume of A molar alltali added to the initial volume 
V of ethylenediamine dihydrochloride solution. A term C can be 
derived where 
= TH + [OH] - [H] 3.4 
From equations 3.1 and 3.4 
By substituting the expression for [B] obtained from equation 3.1 
into equation 3.5 the quadratic equation 3.6 is obtained: 
An initial estimate of C was found from the experimental pHm' 
assuming [H+] ~ 10-PH, and the volume of alkali added. Equation 3.6 
was solved to obtain a better estimate of [H+]. An iterative proce-
dure was used to obtain the best value of [H+] and p[H+]. 
The values obtained for pH and p[H+] are given in table 3.1. 
m 
In contrast to the results for the Beckman E2 glass electrode a graph 
of p[H+] versus pH was non-linear with increasing slope at higher 
m 
pH. This non-linearity can be ascribed to sodium ion errors at pH>9. 
Measured pH values were corrected from this curve. 
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This calibration is made relative to standardization against 
the standard N.B.S. buffers and is valid when the electrodes give an 
internally consistent response to these buffers. 
3.1.4 Titration Procedure 
For titrations involving ligand-proton equilibria or ligand-
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TABLE 3.1 
pH and p[H+] 
m Data for ethylenediamine-ethylenediammonium Buffers at 
0 I = 0.10M NaCl 9 25.0 C. 
Initial Solution Composition: [en,2HC1] = 2.009 X 10-3M 
Vola H b P m p[H+]c Vola H b P m J2[H+~c 
o.o6 6 .L~82 6.L~14 0 .. 25 7.531 7.477 
0.07 6.564 6.496 0.26 7.592 7-536 
o.o8 6.63L~ 6.659 0.27 7.656 7.599 
0.09 6.700 6.637 0.28 7.723 7.667 
0.10 6.759 6.699 0.39 9.050 9.0!1-1 
0 .. 11 6.818 6.758 o.4o 9.144 9.14l~ 
0.12 6.872 6.813 0.41 9.226 9.233 
0.13 6.924 6.867 o,,/+2 9.301+ 9.313 
0.14 6.978 6.919 0.43 9.370 9.384 
0.15 7.028 6.969 0.44 9.L1-30 9. 11-50 
0,.16 7.078 7.019 O.lt5 9.490 9.511 
0.17 7.127 7.068 o.Lt6 9.51+1+ 9.568 
0.18 7.175 7.116 o.47 9.592 9.623 
0.19 7.224 7.165 0.48 9.640 9. 67'+ 
0.20 7-271 7.214 o • .J+9 9.684 9.724 
o.21 7.318 7.264 0.50 9.724 9.772 
0.22 7.367 7.315 0.52 9.804 9.864 
0.23 7.418 7.367 0.5lJ. 9.881 9.953 
0.24 7.474 7.421 0.56 9.954 10. OltO 
~olume (ml) of 0.2829M NaOH added to 49.93 ml of en,2HC1 solution 
b pH = measured pH m 
0 p[H+] = negative logarithm of hydrogen ion concentration 
metal ion equilibria the following procedures were used: 
~1ethod (a) A 50 ml aliquot of a previously prepared stock solu-
tion of the ligand or ligand and metal ion, of known concentration 
and adjusted to constant ionic strength (I::::: 0.1011 NaCl), was 
transferred to the titration cell. Standard NaOH solution was 
added incrementally from a Gilmont or Agla micrometer syringe. 
The volume of standard alkali and the measured pH were recorded. 
Method (b) This method for performing a titration was used 
when conservation of ligand was essential. A weighed sample of 
the ligand was placed in the titration cell and 50 ml of carbonate-
free distilled water was added. The calculated volume of standard 
metal ion solution was added from a micrometer syringeand the 
resultant solution was adjusted to constant ionic strength by 
addition of solid NaCl to I "' 0.1011. Titrant was added as above. 
3 .. 2 CALORD1J~TRIC HEASURENENTS 
Enthalpy measurements were made by measuring the hea.t 
evolved (Q b) on the incremental addition of HCl (~1M) to 
0 s 
basic solutions of the ligands or metal-complex solutions in a 
titration calorimeter. The composition of the calorimeter solution 
\Vas determined from iterative calculations based on a parallel 
titration. MI values were calculated from 
... a are the amounts of each species formed and 
n 
6H1, 6H2 , ••• 6Hn are the associated enthalpy changes. 
3.2.1 The Calorimeter 
The titration calorimeter consisted of a thin walled glass 
titration cell enclosing a 10,000 Q thermister (one arm of an a-c 
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wheatstone bridge), a stirrer driven by a synchronous motor, an 
evaporation cooler (a small bulb containing ~· 0.,25 ml of water 
which was partially evaporated under a stream of air to cool the 
test solution), a capillary tube connected to an Agla micrometer 
syringe for delivery of titrant and a wire wound heater for heating 
the solution. The titration cell was covered with aluminium foil 
and this cell was suspended in an air cavity in a water tight brass 
can. This outer can was immersed in a well-stirred water bath 
thermostatted to 25.00 ~ 0.01°C as determined by a calibrated 
calorimetric thermometer (calibrated in 100ths of a degree). The 
temperature of the water bath was controlled to better than 
~0.001°C during a titration as determined by thermister measure-
ments. (See fig 3.2.) Full descriptions of the calorimeter con-
s·truction and of the a-c wheatstone bridge and heating circuits 
h b . 129 ave een gJ..ven. 
Heasurement 
The temperature measuring device in the calorimeter is a 
thermister, a thermally sensitive resistor. The resistance R of 
a thermister at a temperature T is represented by the equation 
log R = a + b 
T 
where a and b are constants characteristic of the thermister. 
Over small temperature ranges (as used in this study) it has been 
determined129 that an equation of the type 
R ::: d - cT 
applies where d and c are conste.nts. The absolute temperature 
inside the calorimeter could be estimated from the value of R7. 
:; 
(see fig 3.3) when the wheatstone bridge is at balance. Temperature 
Titration Calorimeter 
1--- titrant line 
11 
_____ thermister 
cooiing----------'C7 ~-----------.stirrer 
bi<lb.' 
66. 
Thermister 
(R4,C4) 
Fig. 3 .. 3 
A.C. Bridge Circuit Incor~.)oratir..g a Thermister 
variations in the calorimeter (due to heat transfer or chemical 
reactions) were determined by recording the out of balance current 
of the bridge on a Honeywell Electronik 194 lab/test recorder. 
A typical recorder trace is shovm in fig 3.LJ.. The calori-
meter solution will be at its equilibrium temperature when energy 
supplied to the solution (in the form of stirring, heat transfer, 
etc.) is equal to the energy lost to its surroundings. At point 
A the solution has been cooled to a temperature lower than its 
equilibrium temperature and as heat is transferred from the 
surroundings the solution warms (line AB). The initial temperature 
at A 
i.e. 
. -1 
was adjusted so that the rate of warming was ~· 0.03 Q mJ.n 
-4o -1 1 x 10 C min • At point A the a-o wheatstone bridge vras 
balanced (both capacitance and resistance) and the balance resist-
ance (R.) recorded. When the warming curve (AB) was near linear J. 
(point B) either titrant was added to effect a chemical change or 
the heater circuit was switched on to effect a thermal calibration. 
The addition of titrant was complete (or the heater circuit was 
opened) at point C and the wheatstone bridge was again balanced 
(capacitance and resistance). The balance resistance (Rf) was 
recorded and the solution allowed to cool (CF). The cooling curve 
followed Newton's Le~v of cooling (in region EF) and became approxi-
mately linear after 10 to 15 minutes. The trace was followed for 
a further 10 - 15 minutes. Non-Newton cooling (CE) was observed 
initially because of localized heating of regions of the calori-
meter. The warming curve (AB) and the linear region of the cooling 
curve (F$) were extrapolated to the mid-point of the heating period 
(or point where half the titrant increment had been added). The 
change in R3, which is proportional to the change in temperature 
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of the calorimeter, is given by Rf - Ri plus a correction for the 
non-coincidence of points B' and D1 • This correction was calculated 
Fig.. 3 .. 4 
Typical Calorimetric Recorder Trace 
c 
0.1 n. 
5 min 
A 
from the measured effect of a change of 0.1 Q in P3 on the recorder 
trace (~. 12 chart divisions). 
Thermal Calibration of the Calorimeter 
Energy changes in the calorimeter were detected by compa.r-
ing 6R3 for a chemical reaction with the change in n3 when a known 
amount of electrical energy had been discharged in the calori-
meter (6R3
1 ). By varying the current to the heater and the heating 
time it was possible to have 6R3 
1 ~ 6R3 and 
Qchemical (J.) = 
x Qelectrical(J.) 
The thermal (electrical) calibration of the calorimeter contributes 
to the precision and accuracy of the value obtained for Q h . 1 • c em1.ca 
The precision of this calibration was checked by repeated heating 
cycles when the calorimeter contained either 100 ml of distilled 
water or a test solution (I = 0.10M NaCl). The heating period was 
varied ( 140 - 260 sec.) and the heating current varied ( 12 - 36 rnA). 
Values of Q /6R 1 are given in table 7,.2. In a calori-
·,eleotrical 3 "" 
metric titration the total volume of solution inside the calorimeter 
increases as titrant is added. Therefore the heat capacity of the 
calorimeter varies and Q 1 t . al/6R3
1 should increase linearly 
e ec r1.c · 
with small increases in titrant volume. A plot of Q 1 t . 1/6H3 1 e ec r1.ca 
against volume was constructed (see fig 3.5); such plots were used 
to interpolate values of Q 1 t . 1/6R3
1 during subsequent titra-
e eo r1.ca 
tions. 
3.2.4 The Accuracy of a.Calorimetric Heasurement 
The accuracy of a calorimetric measurement was determined by 
measuring the enthalpy change for a 11 standa.rd reaction" viz. the 
70. 
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TABLE 2 
Calibration Constants for the Calorimeter at 25.0 ! 0.01°C 
Total Volume Qelec 6R Q 1 /~R e ec 
(ml) (J) (52) (J 52-1) 
98.84 6.9233 6.312 1.097 
99.16 6.9342 6 .29l~ 1.102 
99.54 6.0510 5.492 1.102 
99.54 3.4290 3.106 1.104 
99.86 6.0809 5.566 1.093 
99.86 6.0897 5.556 1.096 
99.91 6.0691 5.454 1.113 
100.36 3.1615 2.838 1.114 
100.70 6.0885 5.440 1.119 
100.70 6.0902 5.409 1.126 
(J.rr-1) 
1.13 
Fig. 3.,5 
t 
Plot of Q 1 /~R- vs. Volume of Calorimeter Solution ve ec 5 
Q 
1.09 4-------L----'-------'Ii--------'----.l----__,_ ___ ...~,_ _ _.... ___ -J-_ 
99.0 99.4 99.8 
Vol (ml) 
100.2 100.6 
-..J 
[\) 
. 
protonation of an aqueous solution of aminotri-(hydroxymethyl) 
methane (Tris), a monobasic compound. 
A buffered solution of Tris in the calorimeter was titrated 
incrementally with HCl (0.981~M) and the heat changes noted. A Tris 
solution with composition o.oo8H TrisH and o.007M Tris allowed 4 
titration increments each with a heat change of~· 7.7 J. The 
mean and standard deviation of 8 measurements was 6H == -l~7 .~-3 .:!: 
0.29 kJ mol-1 (literature values 1 L~6 , 147 -47.l~8 and -ll7.4l+ kJ mol-1). 
Calorimetric results are given j_n table 3.3. 
3.2.5 Procedure for a Calorimetric Titration 
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Calorimetric titrations were performed in two different ways. 
Method A 100 ml aliquot of a previously prepared thermostatted 
stock solution of known ligand and meta.l ion concentrations, and 
adjusted to constant ionic strength (I = 0.10M NaCl) was transferred 
to the calorimeter celL The assembled calorimeter VIlas then 
immersed in the thermostatted water bath. The temperature of the 
test solution was adjusted to the equilibrium temperature of the 
calorimeter (,22;• 0.010 - 0.015°C above the bath temperature) by 
means of the calorimeter heater on the cooling bulb. The calori-
meter was left in this condition for at least one hour to allow 
the test solution to reach true thermal equilibrium with its 
surroundings. Attainment of the equilibrium was inferred from 
the value of R
3 
when the bridge was at bala.nce or from a recorder 
trace ·with slope zero. The solution was then cooled by ~· 0.005 -
0.010°C and the solution allowed to warm by the transfer of heat 
from the titration cell surroundings into the test solution 
(fig 3.4, region AB). When a plot of the:rmister resistance 
versus time was near linear:, a known volume of ste.ndard HCl was 
added (fig 3.4, region BC) to effect the chemical reaction and then 
TABLE 3.3 
Representa.tive Calorimetric Data from the Protonation of 
Aminotri(hydroxymethyl)methane (Tris) at 25.00°C. 
Vola 104MTris) b 6R Qreact 
c (~ d 
-6H m 
(ml) (mol) (Q) (J) (J) (kJ mol-1) 
0.16 1.574 6 .. 792 7.641 7.389 46.932 
0.16 1.574 6.890 7.772 7.520 47.764 
0.16 1.574 6.745 7.629 7.377 46.856 
0.,16 1.574 6.830 7.745 7.493 47.592 
0.16 1 .. 574 6.850 7.775 7.523 47.781 
0.16 1.574 6 .. 804 7.729 7.477 47.491 
0.16 1.574 6.780 7.729 7.477 47.491 
~olume (ml) of 0,.98411 HCl added to solution 
bNoles of Tris converted to HTris 
c Measured heat change 
d Q t corrected for heat of dilution of HCl reac 
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the solution was allowed to cool (region CEF). Temperature changes 
and heat changes were determined as in sections 3.2.2 and 3.2.3. 
Vlhen a measurement was completed the calorimeter solution was then 
cooled and the procedure repeated for further titrant increments 
or thermal calibrations. 
Method (b) This method of performing a calorimetric titration 
was used when it was necessary to conserve ligand. Weighed samples 
of ligand and of NaCl (to attain constant ionic strength) were 
added to the calorimeter cell. A 100 ml aliquot of thermostatted 
distilled water was added. This process was most efficient when 
0 the distilled vmter was 2 - 3 C above the equilibrium temperature 
of the calorimeter as the solution cooled during the process of 
transfer to the calorj_meter cell. As required metal ion solution 
was added from a micrometer syringe. 'l'he procedure was then as 
for method (a) .. 
Due to the low solubility of the ligands, and the tendency 
of the ligands to float on water rather than dissolve, the most 
efficient method found to dissolve the ligand (especially in 
method (b) where excessive shaking was not possible) was to 
store the weighed sample of ligand in the calorimeter cell in a 
humid atmosphere for 24 hours before dissolution, and to slowly 
add the distilled water so that the solid ligand was thoroughly 
wetted before the bulk of the water was added. 
3.3 OXYGEN-FREE STUDIES AND OXYGENATION STUDIES 
Hany cobalt(II) amine complexes are susceptible to 
oxidation to cobalt(III) complexes by atmospheric oxygen. 
Iron(II) ions are readily oxidised by o2 to iron(III) ions in 
neutral or alkaline solution. In order to obtain reliable 
stability constants for these metal ion systems it is necessary 
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to carry out the measurements under oxygen-free conditions. The 
oxygenation reactions shown by other cobalt(II) complexes; 
can be studied from knowledge of the stability constants for the 
complexes and measurements of the change in oxygen concentration 
of the metal complex solution.. The mee.surement and control of the 
oxygen concentration is therefore essential in studies on complexes 
of cobalt(II) and iron(II) .. 
Equipment 
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The oxygen-sensitive systems (Co(II) and Fe(II)) and the 
oxygenation reactions (Co(II)) were studied in the titration cell 
shown in fig 3.6. All pH measurements were recorded. on a Beckman 
Research pH meter using a JE}fR glass/calomel combination electrode 
(see sections 3.1.1 and 3.1.3). The concentration of dissolved 
oxygen v1as determined with a Beckman 100802 Fieldlab oxygen analyser 
and a Beckman 39550 polarographic oxygen electrode. 
The thermostatted titration cell of total volume 6L1. ml was 
air tight. The glass/calomel combination electrode, oxygen 
sensitive electrode, syringe needles and a nitrogen gas line 
passed into the solution through entry ports through the top of 
the cell. When the cell was sealed from the atmosphere it was 
necessary to have a cap:Ulary venting tube as the oxygen-sensitive 
electrode was sensitive to small pressure changes caused by the 
addition of titrant. This titration cell has been described in more 
detail elsewhere. 148 
Oxygen Measurement 
The oxygen-sensitive electrode detects the partial pressure 
Fig. 3.6 
The Oxygenation Cell 
oxygen 
sensitive----------~--~--~ 
electrode 
Glass-calomel 
Electrode 
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nitrogen gas 
line 
titrant lines 
of dissolved oxygen by a polarographic method. Oxygen dissolved 
in the test solution diffuses through a gas-permeable teflon 
membrane to the electrode assembly (a rhodium cathode and 
AgjAgCl anode). A potential of 0.53 V is applied between the 
electrodes. The oxygen is reduced at the cathode 
and a current flows which is proportional to the partial pressure 
1L~8 
of oxygen in the bulk. solution. Kee has determined that the 
response of the oxygen sensor is linear with the concentration 
of dissolved oxygen. The sensor v~s restandardized before use by 
reference to air-saturated dis·tilled water ( [02] = 8.48 ppm at 
o 1L~9 25 C) and to oxygen-free distilled water. An empirical 
adjustment for the varying oxygen solubility wi'th changing ionic 
strength was made according to the manufacturers manual. 
3.3.3 Preparation of Oxygen-free _Nitrog;en_ G~ 
Oxygen-free nitrogen gas was prepared by bubbling commercial 
nitrogen gas through an acidic vanadium(II) solution which was 
prepared by the reduction of vanadyl sulphate solution by zinc 
amalgam. Traces of oxygen in the commercial nitrogen were 
removed by the following reactions: 
V2+ + e 
Preparation of Zinc Amalgam 
E0 -0.337 
E0 0.682 
The zinc amalgam was prepared by 
stirring a 2% mercuric chloride solution with zinc pellets for 
10 minutes. The resultant zinc amalgam was washed three times 
with distilled water. 
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Stock Vanadyl Su~phate Solution A stock Voso4 solution was prepared 
by dissolving VOSOL~·2H2o (2.5 g) in water. Concentrated H2so4 (7 ml) 
was added and the resulting mixture diluted to 250 ml. 
Preparation o_f Vanadium(II) Solution The acidic Voso4 solution 
was added to the zinc amalgam in a gas bottle until the zinc 
amalgam was covered. On bubbling nitrogen gas through the zinc 
amalgam/VOso4 the colour changed from blue (vo
2
+) to green (v3+) 
to violet Cv2+). 
3.3.4 Procedure for an o2-fr~itration 
Weighed samples of the ligand and NaCl (to attain constant 
ionic strength) were added to the titration cell and the cell filled 
with thermostatted carbon dioxide-free water. Oxygen-free nitrogen 
gas was bubbled through the ligand solu·tion until the oxygen sensor 
registered an oxygen concentration of zero. The calculated volume 
of metal ion solution was added from a micrometer syringe and the 
total volume adjusted so that there was no air space in the titra-
tion cell. Nitrogen gas was bubbled through the solution until the 
[o2J was again zero. When this condition was achieved the titration 
cell was sealed (except for the capillary to equalize pressures), or 
a flow of oxygen-free nitrogen was kept flowing over the exposed 
surface of the solution. Standard NaOH was added incrementally and 
pH data collected. 
3.3.5 Proc~~~~~~e Oxygenation of a Cobalt(II) Complex 
When the oxygenation of a cobalt(II) complex was studied 
the titration cell described in section 3.3.1 was adjusted such that 
two syringes entered the test solution. Weighed samples of ligand 
and NaCl were added to the titration cell and the cell was filled 
with air-saturated water. The titration cell was sealed (except for 
the capillary to maintain equality of pressures) and the solution pH 
adjusted to the pH range under study by addition of standard Na.OH 
from one of the micrometer syringes. The pH was recorded and an 
aliquot of coba.lt(II) in solution added from the second micrometer 
syringe. The pH and Co2] were recorded. The pH was readjusted to 
the initial pH value and the procedure repeated. 
3.4 SPECTROPHOTOMETRIC MEASUREMENTS 
All p.m.r. spectra were run at 60 MHz and at ~· 30°C on a 
Varian T-60 instrument. Infrared spectra. were recorded for nujol 
or halocarbon mulls on a Shima.dzu IR-27G spectrophotometer. Ultra.-
violet and visible absorption spectra were recorded on a Shimadzu 
MPS-50L spectrophotometer or a Varian Techtron 635 spectrophotometer. 
Atomic absorption spectroscopy measurements for nickel and copper 
analyses were made on a. Varian Techtron A.A.5 spectrophotometer. 
3.5 MICROANALYSES 
Microanalysis of the ligands and complexes for C9 H and N 
were performed by Dr A. Campbell at the Nicroa.nalytica.l Laboratory, 
University of Otago, Dunedin. 
B. SYNTHESIS OF LIGANDS AND COMPLEXES 
--~---------------
3.6 PREPARATION OF LIGANDS 
The ~-a.minoketoxime or 0-methyloxime ligands were synthesised 
by the formation of the ~-a.minoketone (by reaction of the protonated 
parent diamine with acetone) followed by reaction with hydroxylamine 
(HONH2) or methoxyamine (cH3omi2). An alternative method for the 
preparation of 0-methyloxime derivatives of ketones involves the 
reaction of methyl sulphate (or halide) with the parent oxime. This 
80. 
reaction could not be used to prepare the ligands used in this study 
because alkyl sulphate (or halide) reacts with secondary (tertiary) 
amines to produce tertiary amines (quaternary ammonium salts). 
3.6.1 Methoxyamine hydrochloride, CH3oNH2 ,HCl 
Methoxye.mine was prepared by the methods of Hjeds 15° and 
of Scherer et a1151 and was distilled from the strongly alkaline 
reaction mixture at 55 - 70°0. The product was converted to the 
hydrochloride salt by addition of concentrated hydrochloric acid 
to a solution in propan-2-ol. The product was not normally further 
purified for preparative work. A pure sample was obtained by 
81. 
recrystallisation from propan-2-ol (Found: c, 14.5; H, 7.1; N, 17.2. 
3.6.2 4,1+,9,9-Tetramethyl-5 9 8-diazadodecane-2 9 11-dione dihydro--~--~-=·-----------· ----~------·--"'-----
Method (a) Tris(ethylenediamine) nickel(II) perchlorate 
was reacted with acetone to form the macrocyclic complex 5 97,7 9 12,12,14-
hexamethyl-1,4,8,11-tetraazacyclo-tetradecane-4,14-diene nickel(II) 
perchlorate (NiB(Cl04)2). The macrocyclio ligand (which is stable 
only in non-aqueous solution) was isolated by stirring the nickel 
complex (5 g) with KCN (2 g) in dry methanol (70 ml) for 10 minutes. 152 
Ether (50 ml) was added to precipitate KClolJ. and K2Ni(CN)4 and the 
mixture filtered under suction. The ether was evaporated at room 
temperature in a stream of air; addition of dilute perchloric acid, 
with stirring, gave the diane dihydroperchlorate dddk ,2HC10L~. 
Stirring is essential as the dione has a tendency to form as an oil 
on the surface of the aqueous solvent. Yield 80%. 
Method (b) Mesityl oxide (L~ ml) was e.dded to ethylenediamine 
(1 ml) and the reaction mixture left for 5 minutes. The solution was 
then poured into a mixture of 7CY/o perchloric acid (/+ ml) and crushed 
ice (6 g). 153 The product crystallised on stirring. Yield 4- 10%. 
82. 
Method (c) Ethylenediamine dihydroperchlorate (40 g, 0.15 mol), 
acetone (200 ml) and ethylenediamine (0.5 ml) were mixed in a stoppered 
flask. After 24 hours a precipitate formed (di-N-isopropylidene) which 
slowly redissolved over a period of 4 weeks and yielded a precipitate 
of the product. The product was filtered by suction and washed with 
ethanol. 154 Yield 70%. 
3.6.3 4,4,9,9-Tetramethyl-5,8-diazadodecane-2,11-dione bis-(0-
methyloxime) dihydro,Perch~, dddm,2HClo4 
l"iethod (a) The diane dihydroperchlorate ( dddk,2HC10l~) 
(10 g, 0.022 mol) and methoxyamine hydrochloride (5 g, 0.060 mol) 
were stirred in methanol (100 ml) and the pH adjusted to~· 9 with 
NaOH (2!4). The product was isolated after 4 days by addition of 
70}6 HClo4 to pH < 3. The dihydroperchlora t e salt dddm, 2HClo4 , crystallised 
rapidly and was recrystallised from methanol. Yield 4. 9 g, 4.376. 
(Found: C, 37.4; H, 7.0; N, 10.9. Calc. for c 16H36cl2N4010: 
C, 37.3; H, 7.0; N, 10.9'?6). 
Method (b) The diane dihydroperchlorate (1.0 g, 0.0022 mol) 
and Cu(Clo1+) 2 .6H20 (0.365 g, 0.001+4 mol) were slurried in methanol 
( 15 ml) and the pH was adjusted to 7.5 ... 8 with NaOH (2H). The deep 
blue solution turned green after 2l~ hours and purple crystals of 
Cu(dddm)(Cl01+) 2 formed; yield after 3 days 0.45 g, 40%. dddm,2HClOL~ 
precipitated immediately on addition of HClo4 (7afo) to an aqueous 
solution of Cu( dddm) ( 01011) 2 • Addition of HClo4 ( 7CP/o) to the green 
solution yielded dddm,2HClo4 only slowly. 
3.6.4 4,4,9 2 9-Tetramethyl-5,8-diazadode~ane-2,11-dione_O-methzldioxime 
dihydroperchlorate, Hddmo,2HClo4 
The diane dil1ydroperchlorate (10 g, 0.022 mol) and hydroxylamine 
hydrochloride (1.56 g, 0.022 mol) were dissolved in methanol (100 ml) 
and the pH adjusted to~· 9 with NaOH (21'1). The resultant solution 
was set aside at lJ.°C for 12 hours. Hethoxyamine hydrochloride (4.0 g, 
0.048 mol) was added and the pH again adjusted to 9. The solution 
was set aside for 21+ hours at 4 °C and a further 24 hours at room 
temperature before evaporating to small volume under a stream of 
nitrogen. The dihydroperchlorate salt, Hddmo 92HClo4 , slowly crystallised 
on addition of 7(}}6 HClo4• Infrared and p.m.r. spectra run on the 
crude product indicated the presence of varie.ble (small) amounts of 
H2dddo,2HClo4 , dddm 92HClo11- and dddk 92HClo4 .. The product was dissolved 
in water at pH 9; the dione impurity decomposed by hydrolysis and any 
dioxirne present precipitated as H2dddo. The solution was acidified 
with HClo4 to give the product. Further recrystallisation from methanol 
removed the sparingly soluble dddm,2HCl01 • Yield 2.25 g, 2CJ}6. (Found: + 
C, 35.9; H, 6.7; N, 11.1. Calc. for c 15H34cl2NL~o10 : C, 35.9; II, 6.8; 
N, 11.296). 
~ihydroperchlorate, H2dddo 92HClo4 
Hethod NiB(Clo4)2 (see section 3.6.2) (5 g) was treated 
with KCN (2 g) and the methanolic solution of the diamine dione, dddk., 
was prepared as in section 3.6.2 (method (a)). Following the method 
lJ.O 
of Frazer et al hydroxylamine hydrochloride (3.lJ. g, o.049 mol) in 
30}0 aqueous methanol (30 ml) was added to the solution of dddk, and 
the pH adjusted to ~· 9 with NaOH (2M). After 4 days the solution 
was evaporated in a stream of nitrogen and the white crystalline 
H2dddo separated. The dihydroperchlorate salt was formed by dissolving 
the dioxime in dilute NaOH (0.11'-f) and precipitating the product H2dddo, 
2HC10LJ. by addition of perchloric acid ( 6()90) to pH < 3. Yield 1.45 g, 
43%. 
Hethod (b) The dione dihydroperchlorate (5 g, 0.011 mol) 
and hydroxylamine hydrochloride ( 3. 1 g, 0. ol~4 mol) were dissolved 
in methanol (50 ml) by the addition of NaOH (2M) to pH ~· 9. After 
4 days the dioxime could be filtered from the alkaline reaction mixture 
or the dihydroperchlorate salt H2dddo,2HClo4 could be formed by ad~i­
tion of HClo4 (7af6) to the mother liquor. Yield of dihydroperchlorate 
salt .3.23 g, 60'/;. The dihydroperchlorate salt was purified by the 
methods of Hedwig129 and Kee148 by dissolving the salt in water, 
adjusting the pH to .22:• 9 and allowing the dioxime to crystallise. 
The dioxime isolated in this way was converted to the dihydroper-
chlorate salt by addition of perchloric acid (60'/;) to pH <3. 
(Found: C, 34.7; H, 6.6; N, 11.9. Calc. for c 14H32cl2N4010: 
C , 34 • 5 ; H , 6 • 6 ; N , 11 • 5%) 
3. 6. 6 .?..t_?_1~methll::_~t:-E-~l!an-8-.EE~=~~~]'l_;y_~2xi~~ dihJ'2ro-
pel:"cl:!:_~_o_Ea~!, dnm ,2HClo4 
To a solution of N,N-dimethylethylenediamine (10 ml, .22:• 0.11 mol) 
in acetone (10 ml), 70?6 HClo4 (9.7 ml, ~· 0.11 mol) was added dropwise. 
Acetone (50 ml) was added and the flask was stoppered and set aside 
for 5 days at room temperature. The excess acetone was then removed 
by evaporation in a stream of air. rrhe residue, containing 2,6,6-
trimethyl-2 ,5-diazanonan-8-one wa.s dissolved in methanol (30 ml); 
methoxyamine hydrochloride (19.3 g, 0.23 mol) was added, the solution 
adjusted to pH 9 with NaOH (a1) and set aside in a stoppered flask 
for 4 days. The unreacted methoxyamine and organic solvents were 
removed by evaporation in a stream of air. r.r.he residue was extracted 
3 times with ether (20 ml) to obtain the diamine 0-methyloxime. After 
evaporation of the ether extract, propan-2-ol (20 ml) was added and the 
solution acidified with HC104 ( 70'/;) until the pH was < 3. On addition 
of an excess of ether an oil formed from which the product crystallised 
slowly at l~ 0 0. The product was recrystallised from the minimum 
volume of dry propan-2-ol until p.m.r. and infrared spectra showed 
no trace of the parent amine or ketoamine. Yield 2g, 4.5?6. 
3. 6. 7 2, ?~' 6-~E2:El_ethyl-~2J-diaza~~~~_?xime dihyd!operchlorate, 
Hdno 9 2HC10L~ 
This ligand was prepared as for dnm,2HC10l~ except hydroxyl-
amine hydrochloride (20 g, 0.286 mol) was used instead of methoxyamine 
hydrochloride. After evaporation of the ether extract (obtained as 
described in section 3.L~.6) two volumes of dry ethanol were added to 
the residue followed by 7(J}G HC101+ until the pH was < 3. The solution 
. was dried over Na2so~.. On addition of dry ether an oil formed; this 
oil was twice slurried with an equal volume of cold, dry propan-2-ol 
to remove excess acid and water. The oil was dissolved in warm 
propan-2-ol (20 ml) and the product crystallised over 2~· hours. The 
product was recrystallised as for dnm,2HClo4 • Yield 0.53 g, 1.2%. 
(Found 0 9 30.1; H, 6.2; N, 10.3. Calc. for c 10n25c12N3o9: C, 29.9; 
H, 6.2; N, 10.5";6). 
OF HE'.llAL CONPLEXES 
( L~ ,4, 9, 9:-Tetre.m2thyl-5 9 8-dia~~j.odecane-2, 11-dione bis ( q-
~thlyoxt~e)j_copp~r(II) Perchlorate, Cu(dddm)(CJ.o4)2 
Nethod (a) See section 3.6.3 
Method The ligand dddm 92HClo4 (1.2 g, 0.0023 mol) was 
dissolved in methanol ( 15 ml) by the d.ropwise e.ddition of NaOH (211). 
A solution of Cu(Clo4)2 .6H20 (0.810 g, 0.0022 mol) in methanol (10 ml) 
was added to the ligand solution. Purple crystals of Cu(dddm)(Clo4)2 
appeared immediately from the blue-purple solution. Yield 0.98 g, 77%. 
86. 
(Found: C, 33.2; H, 6.0; N, 10.2. Calc., for [c16H34cuN4o2](Clo4 )2 : 
C, 33.3; H, 5.9; N, 9.7;'6). 
8-diazadodecane-2 11-dione oxime 
H2dddo,2HC1o4 (0.500 g, 0.,0011 mol) was added to a solution of 
Ni(Clo4 )2 .6H2o (0.,375 g, 0.0010 mol) in water (10 ml) and NaOH (2M) 
was added dropwise and with stirring until the ligand had dissolved. 
The amorphous product precipitated immediately and was redissolved by 
heating the solution. On cooling the red crystalline product appeared 
after 3 - 4 hours, and was recrystallised from hot water containing 
1 - 2 drops of NaOH (2Jv!). Yield 0.228 g, 50";&. (Found: c, 36.3; 
H, 6.6; N, 12.2. Calc. for [c14n29N4Ni02J (Cl01t) .H20: C, 36.4; 
H, 6.7; N9 12.,1%). 
H2dddo,2HClo4 (0.500 g, 0.0011 mol) v1as added to a solution 
of ZnSo4 ,7H20 (0.295 g, 0.0010 mol) in water (10 ml). NaOH (2Jv!) 
was added dropwise with stirring untn the pH was between 7 and 8 
(see titration curve, section 8.3.1). A white precipitate formed 
immediately. This spe.ringly soluble product (Zn(Hdddo) (Cl01t)) was 
purified by digestion in water for 30 minutes. Yield 0.315 g, 70}6. 
(Found c, 36.2; H9 6.2. Calc. for Cc 14u29N~.o2zn](Clo4 ) 2 : c, 37.3; 
H, 6.596). 
3.7.4 ~~~J-Tetrameth~l-5,8-diazadodecan~-2,11-dione bis(O-
~ylox_:!.~.:!-~1- (II) ~h~orate, Ni( dddm) ( Clo4) 2 • 
dddm 92HC1o4 (0.515 g, 0.0010 mol) was dissolved in dry 
ethanol (5 ml) by the addition of NaOH (0.080 g, 0.002 mol) and e. 
solution of Ni(Cl01+) 2 .6n2o (0.354 g, 0.00097 mol) dissolved in dry 
ethanol (5 ml) was added slowly with stirring. A finely divided 
orange product formed immediately from the resultant solution. The 
product 9 which was insoluble in ethanol, methanol and acetone, and 
decomposed in acetonitrile and water, could not be recrystallised. 
The nickel content was determined by atomic absorption analysis on 
a sample dissolved in dilute HCl (instrumental parameters: air/acetylene 
oxidising flame, 352.4 nm). Infrared absorptions recorded at 3590, 
-1 + 3200 and 1635 em were e.ssigned to v(O-H), v(N-H) and v(C=N) 
respectively. Absorptions also occurred at 1000-1100 and at 625 cm-1 
and were assigned to stretching modes of the perchlorate ion. 155 
Infrared and nickel analysis data suggested that the product is a 
basic complex of stoichiometry Ni(dddm)(Cl02 )2Ni(OH)2 .H20. (Found: 
Ni, 17.2. Calc. for Ni(dddm)(Cl04)2Ni(OH) 2.n2o: Ni, 17.~~). 
c. PREPARATION OF STANDAPJJ SOLUTIONS 
---~--~--
3.8.1 Glassware 
All pipettes used in quantitative work were calibrated by 
weighing the volume of water delivered at 20°C. Titrations were 
carried out using a Gilmont micrometer syringe (capacity 2.5 ml) or 
an Agla glass micrometer syringe (capacity 0.5 ml). A calibration 
by Hedwig129 showed the volume delivered by these syringes to be 
within 0.06% of the indicated volume. 
3.8.2 Carbonate-free Distilled Water 
Carbonate-free distilled water was prepared by boiling distilled 
water for 5 minutes to remove all dissolved carbon dioxide. While 
cooling to room temperature the water was flushed with N2 • 
3 .. 8.3 Sodium Hydroxide (1H) 
AnalaR NaOH pellets (5 g) were placed in a beaker and a 
small volume of carbonate-free distilled water was added to form 
a slurry. The pellets were wa.shed e.nd the water discarded. This 
washing procedure, which removes sodium carbonate from the pellets, 
was repeated. The NaOH was then dissolved in carbonate-free 
distilled water and the solution made up to approximately 100 ml. 
The NaOH solution was standardized by potentiometric (pH) 
titration against potassium hydrogen phthalate, the end point titre 
being determined from a plot of ~pH versus titre. Repeated measure-
ments established a precision of~ 99.'7%. 
3 .. 8.~. Hydrochloric Acid ( 1H) 
AnalaR concentrated hydrochloric acid (44 ml) was diluted 
to 500 ml with carbonate-free water. The acid solution was 
standardized by four methods: (1) against B.D.H. AnalaR 
disodium tetraborate decahydrate (borax), (2) against borax which 
had been recrystallised from distilled water, (3) against sodium 
carbonate (dried at 260°C) and (4) against previously standardized 
sodium hydroxide. The last three methods gave consistent results to 
within j:0.2% whereas the first gave a value which was ~· 2% too low. 
This established the need to use freshly recrystallised borax as a 
primary standard for the determination of a.cid concentrations. 
chloride Solutions 
88. 
A weighed sample of B.D.H. AnalaR metal(II) chlor:i.de (cobalt, 
nickel, copper and zinc) was dissolved in carbonate-free water. To 
suppress hydrolysis of the metal-aquo ions stande.rd HCl solution was 
accurately added to give an acid concentration of ca. 1 x 10-3H. 
The metal ion concentration was accurately determined by 
titimetric or gravimetric analysis. Cobalt(II) was determined 
gravimetrically as cobalt(II) tetrapyridine dithiocyanate. 156 
Nickel(II) was determined gravimetrically as bis(dimethylglyoximato) 
nickel(II) .. 157 Zinc(II) was determined by complexometric titration 
against EDTA using eriochrome black T indicator. 158 
Copper(II) was determined gravimetrically as (benzoinoximato) 
copper(II) but vdth some modification to the procedure given by 
Vogel. 159 Ammonia solution (2IVI) was added to the copper(II) solution 
until the solution was a deep blue colour. A 2% alcoholic benzoin-
oxime solution was added dropwise to the copper tetrammine solution 
until precipitation of (benzoinoximato) copper(II) was complete. The 
solution was then heated to near boiling a.nd digested for 1·~ hours. 
A small volume of benzoinoxime reagent was then added to ensure com-
plate complexation. This method gave an easily filtered product and 
also suppressed the fornJ.'.:l.tion of copper(II) oxide which was observed 
during the heating of the copper-ammine solution (prior to the 
addition of the benzoinoxime reagent) in the method outlined by 
Vogel. Copper(II) ion was also determined gravimetrically as bis-
(salicylaldoximato) copper(II) 159 and by complexometric titration 
against EDTA, using murexide indicator. 160 
3 .. 8.6 Iron(II) sulphate Solution 
B.D.H. AnalaR Feso4.7H20 was dissolved in carbonate-free 
distilled water. A known volume of standard HCl was added until the 
acid concentration was ca. 1 x 10-2M. Acid suppresses the atmos-
pheric oxidation of Fe(II) to Fe(III) which is rapid in neutral or 
alkaline solution. 'rhe acidic iron(II) solution was sufficiently 
stable (Fe3+/Fe2+ < 0.,03) for approximately 2 weeks. Slow oxidation 
of Fe(II) to Fe(III) was evident by a developing yellow colour in the 
stock solution. 
90. 
The total iron concentration (Fe(II) + Fe(III)) was determined 
gravimetrica.lly as ]'e2o3 
161 
as outlined in Vogel. 162 The Fe(III) 
concentration was quantitatively determined by spectrophotometric 
measurement using the Fe(NCS)(rr2o)5
2+ complex. 
3.8.7 Adjustm~mt to Constant Ionic Strength 
Constant ionic strength of test solutions was maintained by 
adding the calculated weight of NaCl (B.D.H. AnalaR). 
91. 
CHAPTER 4 
CALCUJ~ATIONS 
Equilibr:i.um constants and enthalpy changes have been calculated 
from the volume -pH data and the volume-heat change data obtained from 
potentiometric (pH) titrations and calorimetric titrations respectively, 
by solving the series of mass balance equations which describe the 
system under study, General methods of deriving the mass balance 
equations, a description of the equilibria which were considered in 
this study, and the methods of solving the mass balance equations 
are described in this chapter. 
1+.,1 
4 .. 1.1 Protonat:Lon Constants of the 
Consider a ligand L which is capable of forming a conjugate 
acid containing n ionizable protons (LH n+). The concentrations of 
- n 
the species Il, L, LH+, UI n+ at any point throughout a titra-
n 
tion are related by the following equilibria and equilibrium (protona-
tion) constants: 
L + H 
LH + H 
IJI 
k 
n I.H n 
k1 
k2 
k 
n 
[LH] 
= (a) 
[L][H] 
[LH2] 
= (b) 
[LH][H] 
4.1 
[LHn] (n) 
= 
[Uin_1J [H] 
where the charges have been omitted for clarity. The mass balance 
equations describing the total (stoichiometric) concentration of 
ligand (T1 ) and the total concentration of ionizable protons (TH) 
are related to the equilibrium concentrations by 
and TH = [H] + [LH] + 2[IR2J + ••• + n[LHn] - [OH] • 
The term [OH], the concentration of hydroxide ion, arises from 
hydrolysis reactions of the type 
LH i+ H 0 ~ LH (i+1)+ + OH i + 2 i+1 
· and is determined from the ionic product of water ( [OH] = I~/[H] 
163 
where l<Vi is defined as [H] [OH]/(y H+YoH-/~ 0 ) ) • The value of 2 
4.2 
4.3 
TH for each titration point (TH( obs)) is given by the total stoichio-
metric concentration of hydrogen ions initially associated with the 
ligand (n x T1) plus the concentration of added acid (A) less that 
which has reacted with the added alkali 
() -~]xv i.e. TH obs = n x T1 + A v + v 4.4 
where v is the volume (ml) of added NaOH and V is the total initial 
volume of test solution. 
- 98 164 . A secondary concentration variable ~{' ' def~ned as the 
average number of protons bound per ligand molecule, is given by 
~1 = ~Ii2J + • • • ·-+~n[;;:.;;.I_,Hn_J • 
TL 
From equation 1+.3, ~ can be rewritten as 
~ = ~H- - [H] + [ OH] 
TL 
lf .• 6 
92. 
93. 
By use of the equilibrium constants defining the system (equations 4.1), 
and equations 4.2 and 4.5, ~ can be defined as 
- [L] ( k1 [H] + + • • • + • • • kn[I-I] n) ~=--------------------------------
i 
or, by defining a cumula.tive protonation constant B· by B. = .rr1 k. , ~ ~ J= ~ 
a general expression 
-~::: 
n i~1 i Bi[H]i 
n i 
1 + L: Bi[H] 
i:::1 
-can be obtained. Thus ~ can also be defined as a function of the 
4.8 
· protonation constants (k.) and the hydrogen ion concentration. From 
~ 
the known total ionizable acid concentration (T1/ obs)), known total 
ligand concentration and known hydrogen ion concentration (derived 
from the measured pH, as outlined in section 3.1.3) an experimental 
value of ~f (nH(obs)) can be derived for each point throughout the 
titration (equation lJ-.6). From trial values of the equilibrium 
constants (k.) and the measured hydrogen ion concentration at each 
~ 
point during a titration fa calculated value of ~I (~/calc)) can 
also be determined (equation 4.7). The function 
a function containing n unknown parameters (k1 ,k2 , ••• kn), can be 
solved by the method of least squares for the parameters k1 ,k2 , • • • kn 
(see section 4.6). In summary this involves varying initial trial 
1 1 1 parameters k1 , k2 , ••• kn such that the sum of the squares of the 
residuals over all data points, Z(~/obs) - ~(calc))2 9 is minimised. 
In the present study of diamine oxime ligands only three 
ligand species were detected in solution between pH 2 and 10. These 
species were the free oxime IJI2 and the protonated (ammonium) species 
LH3+ and LH4
2
+. The oxime hydroxyl protons do not significantly 
deprotonate throughout the pH range studied as the oxime hydroxyl 
proton is only weakly acidic; log K(C=NO- + H+ ~ Cc::NOH) = 12.3 165 
- 2-(i.e. at pH 10 the concentrations of IJI and r~ would be less than 
1% of total ligand present) • lJ'he oxime nitrogen was not observed to 
protonate significantly in the pH range studied. The oxime nitrogen 
is only weakly basic 9 log K(C=NOH + H+ ~c=tlliOH)rV-1,4 and its 
protonation is negligible at pH> 2. 
lr.1.2 ~quilibrium Constants for Netal Complexes 
Equilibrium constants for metal-ligand equilibria were 
determined from experiments in which alkali was added incrementally 
to a solution containing protonated ligand and metal ions. In such 
systems the metal ion competes with hydrogen ions for co-ordination 
to the ligand molecules. 164 This process is best illustrated by 
reference to an example. Consider a diamine dioxime ligand LH2 which 
may protonate on the amino nitrogens to form the species LH3+ and 
LH4
2
+. The ligand LH2 may also form mono 
with metal ions (N(LH2)
2
+ and H(LH2)2
2+). 
and possibly bis complexes 
The species H+, Mf+, LH2 , 
+ 2+ 2+ 2+ LH3 , LH4 , M(LH2) and N(IJ12)2 are related in solution by the 
following equilibria 
94. 
LH + 
3 4.9(a) 
LH + + H+ 
3 
LH 2+ 4 
M(LH )2+ 2 4.9(c) 
4.9(d) 
- 2-If the co-ordinated oxime can also deprotonate (to form LH and L ) 
then the following equilibria are also possible: 
4.9(e) 
M(LH)+ H(L) 4.9(f) 
The protonation constants k1 and k2 would be determined from 
a separate experiment as described in section 4.1.1. In the determine.-
tion of equilibrium constants several distinct cases arise. 
(1) The simple case in which only one metal-ligand equilibrium 
process is important in a given buffer region (e.g. only the species 
2+ + M(LH2 ) or l11(UI) is formed, not both). In this case a value for 
the unknown equilibrium constant can conveniently be obtained for 
each individual data point. For example, if the reaction is one in 
which the oxime ligand LH2 co-ordinates and deprotonates in a con-
certed step, 
+ + M(UI) + H 4.9(g) 
then the mass balance equations describing the total concentrations 
of ligand (T1 ), metal (T14) and ionizable protons (TH) are 
TM = U4] + [M(LH)] 4.11 
By subtracting TH from T1 equation 4.13 is obtained 
TH - T1, = [H] + [IR2] + 2[LH3J + 3[LH4J - [OI-I] 
2 
= [H] + [LH2](1 + 2k1[H] + 3k1k2[H] ) - [OH] 4.13 
96. 
which can be solved to determine [LH2]. The value of [LH2J can then 
be substituted into equation 4.10 to give [H(LH)] and equation 4.11 
yields[M]. K
5 
as defined by equation 4.9(g) can be calculated for 
each data point from the experimental values of TH, ~\,, TN and [H+]. 
(2) The case where two metal-ligand species are formed (M(LH2 )
2+ 
and H(LH2 )2
2
+) but no deprotonated metal complex species are formed. 
In this case the ligand can be considered to contain only two 
ionizable protons (the oxime protons are 11 fixed11 and do not contribute 
to TH). The mass balance equations in this case are 
By substitution of expressions for [nr3J and [LH4J, derived from 
equations LJ-.9(a) and (b), equation lt-.16 can be solved for each data 
point to determine [LH2]. Rearrangement of the equilibrium equations 
l~.9(c) and (d) gives expressions for [Ivl(LH2 )J e.nd [r1(UI2 )2J, in 
terms of [H], [LH2J and Ki, and by substitutj_on of these into 
expression 1+.15 an expression for the free metal ion concentration 
01] can be found: 
[M] TM :::: _______ _.;;,__ 
1 + K1[LH2J + K1K2 [LH2J
2 
One approach to determine K1 and K2 is to calculate [N] from equation 
4.17 using trial values of K1 and K2 • fl. least squares procedure is 
then applied to equation 4.14 (T1 :::: f( [H], [M], [LH2J ,K1 ,K2 ,ki)) to 
obtain "better" values of K1 and K2 such that the sum of squares of 
residuals over all data points is minimised (i.e. 2:(T1 (obs) - T1 (calc))
2 
v1here T1 ( obs) is the measured stoichiometric concentration of ligand 
and T1}calc) is the total ligand concentration calculated from the 
right hand side of equation l~.14). The procedure is repeated with 
the new trial values of K1 and I~ until the "best" values of K1 and 
K2 are obtained (see section 4.6). 
-Alternatively a secondary concentration variable, ~' 
defined as the average number of ligand molecules bound per metal 
ion, can be used 
-~_, :::: [Iv!(LH2)] + 2[M(LH2 ) 2J 
K1 [H] [LH2J + 2K1K2[H] [I~H2] 2 
A value of [LH2] is obtained for each data point and a value of [M] 
is determined from trial values of K1 and K2 as described above. An 
observed value of iiL is obtained in terms of the known quantities 
+ [LH2J, [H J, T1 and 'r~,1 as 
~ (obs) :::: 
- [LH2](1 + k1[H] + k1k2[Hl) 
where the numerator equals the concentration of co-ordinated ligand 
which equals the total concentration of ligand minus un-coordinated 
97· 
ligand, and ~(calc) is obtained :from the right hand side of equation 
4.18. A least squares procedure is used to obtain the "best" values 
(3) The case where more than one metal-ligand species is formed 
and at least one of the metal-ligand species contains the ligand in 
the deprotonated (or protonated) form. Consider the example where 
2+ + three metal-ligand species are formed t4(LH2 ) , M(U-I) and N(L) 
(equations 4. 9( c) , (e) and (f)) • In this case the least squares analysis 
98. 
must minimise a function of TH as the number of titratable protons 
is different in the species M(LH2)
2
+, M(LH)+ and M(L). The function 
~ cannot be used as the three metal-ligand species each contain one 
metal ion and one ligand molecule per complex. The mass balance 
equations in this example are 
TM = [M] + [Iv!(UI2 )J + [N(LH)] + [M(L)] 4.20 
As equation 4.21 contains terms for ligand and metal species it cannot 
be solved directly to obtain [LH2]. By use of the equilibrium 
expressions 4.9(a), (b), (c), (e) and (f), expression L~.20 can be 
rearranged to give 
Substitution of this into equation 4.19 yields 
4.22 
K1K) [UI2J K1K7.K/+ [LH2J + K1[LH2J + · + __;__;;:J~--
[H] [HJ 2 
4.23 
Multiplying equation 4.23 through by the denominator of equation L~.22 
gives the quadratic equation 
+ 
- T :::: 0 L 
99. 
4.24 
which contains only the unknown quantities [LH2], K1, K:J and K4 • Trial 
values of K1, K3 and K4 can be assumed, a trial value of [JM2 J is 
derived from equation 4.24 and TH(calc) is found from the right 
hand side of equation 4.21 and the equilibrium expressions 4.9(c), 
(e) and (f). .1\. least squares procedure is used to obtain 11better11 
values of K1, K3 and K4 by minimising the sum of the squares of the 
residuals over all data points, i.e. minimising h(TH(obs) 
where TH(obs) is defined as in equa·tion l~.4. 
In the present study generally the only metal-ligand species 
detected were H(LH2)
2
+, N(LH) + e.nd H(IJH) (OH) (an exception is the 
spedes Zn(Hddmo) 2
2
+, see section 8.3) • .1\.s the hydroxy species 
M(LH) ( OH) and the species MIJ contain the same number of titratable 
protons (equal to zero) and the same number of ligand molecules, the 
+ type of analysis described above for the deprotonation of M(LH) is 
equally valid for the deprotonation of a co-ordinated water molecule 
in r.1(LH) (aq) to produce the species M(LH)( OH). 
4.2 DETERNIN.I\.TION OF ENTHALPY CHANGES 
The calculation of 6H from measured heat changes upon the 
incremental addition of acid to the calorimeter solution, requires a 
knowledge of the composition of the calorimeter solution before and 
after each acid addition. For a single reaction that goes to comple-
tion the extent of reaction for a titrant addition is determined by 
the number of moles of the ·titrant species added to the calorimeter, so 
THEE U5RA!\Y 
long as the titrant is not added in excess. For an equilibrium 
reaction that does not go to completion however, the extent of 
reaction following titrant addition must be calculated from the 
known equilibrium constants and the [H+] of the calorimeter solution. 
As the pH of the calorimeter solution is not conveniently determined 
during a calorimetric titration (a glass electrode affords a large 
heat capacity and heat pathway from the calorimeter and therefore 
lowers sensitivity) the p[H+] must be calculated independently from 
the known stoichiometry of the calorimeter solution and the volume 
of titrant added (section 4.2.1). An initial estimate of the pH can 
be obtained by reference to a formation or titration curve. An 
100. 
alternative procedure is to back titrate the calorimeter solution 
after completion of the calorimetric titration and determine the p[H+] 
at each calorimetric titration point from the pH- volume data. The 
initial estimates of the pH are used in an iterative calculation to 
Calculation of Enthalpy Changes for Protonation of the Ligands 
Calculation of Solutio!} Compositiol'l: For a general base 1 
which forms a conjugate acid containing n ionizable protons (LH n+), 
n 
equations L~.2 and 4.3 can be rea.rranged to give 
[L] :::: ___________ ,, __ ;;:;;.._ _____ . __ _ 4.25 
and 
TH - [H] + [OH] nk k l'n[HJn) + ••• + 1 2 ••• '~ 
Substitution of equation 4 .. 25 into equation 4.26 yields: 
[H] + 2k1k2[HJ
2 
+ ••• + nk1 ••• kn[H]n TH = [H] - [OH] + -"~---~-------~----~--~----~------------~---~-~ 
2 n 1 + k1[H] + k1kzCHJ + ••• k1k2 ••• kn[H] ) 
Multiplication of equation 4.27 by the denominator of equation 4.25 
gives a general equation of the form 
f( [H]+) = a[H]n+1 + b[H]n + ••• + m[H] - [OH] - T H 
101. 
4.27 
::: 0 4.28 
'rhe coefficients a, b, c, • • • m are readily calculated from the known 
r;v 
values of k1 , k2 ••• kn, TL, TH and [OH] ( =r~J). 
The [H+] in solutions formed by addition of acid to a ligand 
solution in the calorimeter was determined by solution of equation 
. 166 + 4.28 by the Newton-Haphson method. An initial estimate for [H ] 
was obtained from examination of the ~1-pH curve determined from 
titration of the protonated ligand with hydroxide ion or from an 
approximate pH obtained from a back titration of ·the calorimeter 
solution after the completion of the heat change measurements. 
Generally less than L1. cycles of the Newton-Haphson process were required 
+ to obtain a convergent solution for p[H ]. The condition used to 
determine convergence was that two p[H+] values calculated in successive 
cycles did not differ by more than 0.0005. The p[H+] values thus 
obtained were used to calculate (1) the concentration of free ligand 
from equation 1+.25, and (2) the concentration of the species LH1 
(i = 1, 2, .... n), from the equilibrium expressions lt.1 (a)-(n), for 
each point throughout the titration. 
Calculatio~ of Enthalpy Changes For the ligand L the 
t . th 1 h f th . J 'b . LH ( i-1) + FI+ ~ LH i+ s epw~se en a py c ange ·or . e equ~ -~ r~um i-1 + .._....-- i 
is 6H.. On addition of the acid titrant to the calorimeter the overall 
~ 
measured heat change Q (corrected for the secondary reactions of 
m 
(1) dilution of the acid167 and (2) reaction with hydroxide (H+ + OH~H20)) 
102. 
168 
can be expressed in terms of ·the stepwise enthalpy changes: 
4.29 
The terms a. are the number of moles of the species 1H. formed during 
1 1 
each titrant increment. The terms a. were calculated as follows. 
1 
addition of the acid titrant some of the species U-I. 1 is converted 1-
to the species 1H.. e.1 is the amount of 1 that is converted to U-I J. 
(i.e. a1 = (1)initial (IJ) final). a2 is the amount of r,H that is 
converted to 1H2 • a2 is therefore given by the initial number of 
moles of IR((1H).) plus the number of moles of 1H formed from 1 
J. 
(which equals a1) less the final number of moles of 1H((1H)f), i.e. 
In general a. is given by 
J. 
a. = (LH. 1). - (UI. 1)f +a. 1 J. J.- 1 . ::t- J.-
On 
except that the term a. for the fully protona.ted species is given by 
n 
a = (1H ) f - (1H ) . n n n 1 
The terms a.. in equation 4.29 can therefore be calculated from know-
1 
ledge of the solution composition before and after ee.ch titrant 
increment. Equation L~.29, an equation with n variables (6Hi), can 
be solved from n or more experimental measurements of Q • 
m 
r.rhe procedure was similar to that described above, viz. the 
MI. values were determined from solution of an equation analogous 
1 
to equation L~.29 but including terms for both the formation of metal-
ligand species and the deprotonation of ligand-proton species. 
Calculation of Solution Composition The method used to 
calculate the solution composition was an iterative process starting 
with an initial estimate of the solution composition and the mass 
balance equations describing the system. An initial estimate of the 
p[H+] of the solution was obtained from a parallel pH titration 
performed on a solution of similar composition to the solution used 
in the calorimeter. Using the estimated [H+] an estimated value for 
the free ligand concentration [LH2J was obtained from the known 
equilibrium constants and stoichiometry describing the system; this 
involved substitution of the estimated [H+] into equation L~.13, 4.16 
or ~~.211- (cases (1), (2) and (3) respectively in section Lt.1.2). 
Substitution of the derived value of [LH2J into equation lt.11, 4.17 
or 4.22 gave an estimate of the free metal ion concentration [H]. 
These estimated values of [H] and [LH2J were used in the expression 
for TL (equation 4.10, 4.14 or 4.19) which is a polynomial in [I{I-] 
with coefficients which are readily calculated from the known values 
of TL' TH' TH' k1 , k2 , K1 - K5 and [OH]. This polynomial was solved 
for [H+] by the Newton-Raphson method to obtain a "better" estimate 
of [H+]. The process was repeated until the difference between 
successive p[H+] estimates differed by less than 0.0005 pH units. 
Cal~ulation of Enthalpy Changes The heat change Q , 
m 
measured from the calorimetric titration was corrected for dilution 
103. 
of the acid titrant and for the heat change resulting from neutralize.-
tion of the titrant v1ith hydroxide ions. It can be expressed as a sum 
of enthalpy changes resulting from (1) the endothermic decomposition 
of the metal-ligand complexes, and (2) the exothermic protonation of 
the resultant ligand i.e. 
QH :::: -b16HM1 - b26HM2 - ••• -bmL\Hiv!m + a16H1 + a26H2 + ••• + 
a L\H 
n n 
4.32 
where the terms b. and 6Hu. refer to the amount of complex M(L). 
~ !'!~ ~ 
dissociated into M(L). 1 and the unknown enthalpy change for this ~-
equilibrium respectively. The terms a. and 6H. refer to the amount 
~ ~ 
of the species LI-Ii formed and the enthalpy change for the ith 
protonation of the ligand respectively. As an example consider a 
ligand which forms a bis complex (M(L) 2) and a mono complex (M(L)). 
The number of moles of bis complex decomposing to the mono complex is 
denoted by b2 and is given by the difference in the number of moles 
of riJL2 present before ( (H(L) 2 \) and after ((H(L) 2 ) f) the addition 
of titrant, i.e. 
104. 
4.33 
~1e term b1 is given by the initial number of moles of the mono 
complex ( (M(I") )i) plus the number of moles of M(L) formed from 
H(L) 2 (equal to b2) less the final number of moles of the mono 
complex ((M(L))f) 
'rhe terms ai for the protonation of the ligand produced throu~hout 
the titration' can be derived as 
an = (LH ) f - (LH ) . n n ~ 
4.34 
Once the terms a 1 , a2 ••• an and b1 , b2 , ••• bm have been 
determined from the solution composition, equation 4.32 can be solved 
so long as the number of data points equals or exceeds the number of 
unknown enthalpy changes. Equation 4.32 was set up for x data points 
(x > m1) and MIIvli was then obtained from a linear least squares 
calculation. 
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4. 3 §_ELECTION OF A HODEL EQUILIBRIUM SYSTEH 
In order to obtain values for the unknown equilibrium con-
stants it is helpful to firstly determine the most likely ligand and 
metal species and equilibria occurring in solution. These species and 
equilibria determine the form of the mass balance equations. The 
species and equilibria occurring in solution may be determined in a 
variety of ways. 
(1) Some information on the species occurring in solution can be 
gained by reference to analogous chemical systems. For example a 
buffer region in a titration curve may be thought to result from 
the formation of a metal-hydroxy species (ML(OH)). Comparison with 
data from other systems which contain a similar ligand and metal ion 
may answer this question. As an example, log K (ML + OH ~ ML(OH)) 
is "-' lJ..5 for copper-ligand species. This type of reaction is therefore 
expected to occur at a pH centred on 9.5. 
(2) The form of the titration curve may afford useful guidelines. 
If well defined end-points occur tb.en these will correspond to the 
quantitative formation of a &'}Jecies in solution. By determining 
the number of protons lost from the ligand in titrating to the end-
points, and comparing this with the metal/ligand ratio and with the 
pH range where deprotonation of excess ligand would occur, the nature 
of the species in solution may often be inferred. 
(3) Electronic absorption spectra run throughout a titration may 
also yield useful information on the number and stoichiometry of the 
species present in solution. If solid samples of the complexes can 
be obtained and characterized then their spectral parameters may further 
support a postulated equilibrium system. 
In general a combination of these methods is used to select the 
model system which best explains the experimental results. 
106. 
Once a model has been established for an equilibrium system 
and the equilibrium constants determined, the correctness of the 
model can be estimated from the closeness of the fit of the 
experimental data to the data calculated from the derived equilibrium 
constants. If this fit is 11 good" then the model system can be 
assumed to adequatel:l explain the system under study, but if' the fit 
is "poor" then additional or alternative equilibria. may need to be 
considered (see section 4.6, Statistical Methods). As a cross check 
on the model system a second electrode or other sensing device (if 
these exist) may be incorporated in the titration system169 in order 
that the concentro.tion of two or more species may be determined 
independently. The derived (calculated) concentration of the second 
species may then be compared with the measured value; large discrepancies 
would indicate that the system was inadequately explained by the model. 
METHODS OJ:i' BAI,ANCE 
Once the appropriate model equilibrium system has been chosen, 
the derived equation containing the knovm and unknovm equilibrium 
constants (or enthalpy changes), the kno\'111 stoichiometric parameters 
+ and [H ] must be solved to obtain best values of the unknown parameters. 
V . . . t' 90,170 h' 1 171,172 d t ar~ous success:t.ve approx:t.ma :t.on, grap :t.ca , an compu er 
173 174 
methods ' exist for obtaining solutions of these equations. 
In the present study ligand protonation constants were 
determined from ~-1 - [H+] data using a non-linear least squares 
m - - 2 procedure; the term i~ 1 ((~/obs)\ - (1'\1(calc)\)- (the sum of the 
squares of the residuals) we.s minimised, where m is the number of 
data points. All observations were weighted equally, as suggested 
b d . 129 y He .W:t.g. 
In the determination of metal-ligand equilibrium constants 
the technique used for solving the mass balance equations depended 
on the nature of the titration curve, and the number of parameters 
being determined. If in any buffer region only one equilibrium 
involving metal ions was important (as inferred from both absorption 
spectra and a well defined end-point) then the mass balance equations 
contained only one unknown parameter and the value of K could be 
obtained independently for each point throughout the titration. The 
standard deviation of the equilibrium constants derived in this way 
was an i:pdication as to whether the equilibrium under study was 
independent of other equilibria in the system. A systematic trend 
in the derived equilibrium constants would indicate that more than 
one metal-ligand equilibrium contributed measurably to a given buffer 
regiont thus requiring an alternative approach. The condition 
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adopted in the present study that the metal-ligand equilibrium in a 
given buffer region was independent of reactions in preceding or 
following buffer regions was that the mid-points of two adjacent 
buffer regions were more than two pH units apart. In general the 
criterion used to establish that only one metal ion equilibrium is 
predominant in a particular buffer region depends on the number of 
protons lost from the ligand to form the complex, or the proton change 
associated with the metal equilibrium. For example if two protons 
are lost in forming a complex (e.g. two amino protons in the diamine 
oxime ligands, H + H2J_, ~ ML + 2H+) then an increase of 0.5 pH units 
from the middle of the buffer region increases the extent of reaction 
from 50 to SEi!:.• 90J6. A further 0.5 pH unit change increases the extent 
of complexation to~· 9~6. A second buffer region starting at )1 pH 
unit from the middle of this complexation buffer region will not 
significantly be affected by the complexation equilibrium. Data. 
points close to an end-point (n > 0.9, or <0.1) were routinely 
eliminated from calculations. 
If for a given buffer region more than one equilibrium is 
108. 
important then the mass balance equations must contain more than one 
unknown parameter; a least squares procedure was used to determine 
these parameters. For equilibrium measurements the function normally 
N 
minimised was + + 2 Z ((TH - [I-I ] ) b . - (TH - [H ] ) l i) where 
. o s,~ ca c, J..=1 
+ values of TH - [H ] respectively for the ith titration point. With 
N 
enthalny change measurements the function minimised was Z w (Q -
J:' i obs.i i:::1 ' 
Qcalc,i)2 where Qobs was the measured heat change (corrected for 
secondary reactions not represented in equation L~.32) and Qcalc was 
obtained from the right hand side of equation 4.32. The term w. is 
~ 
a weighting factor given to each observation. The major source of 
uncertainty in a measurement of Q arises from (1) the uncertainty 
in the measurement of the resistance change of the thermister, and 
(2) the uncertainty in the calorimeter calibration constant (see 
section 3.2.3). The weighting factor used for each value of Q was 
1 
a. 
~ 
where a. was the estimated uncertainty on the ith observa-
~ 
tion (generally 0.05 J"). 
4.5 TrfrJ LEAST SQUARES W~THOD175 
Consider a function f containing n measurable variables 
x1, x2 , ••• xn and n unknown parameters p1 , p2 , ••• pn such that 
f == 4.35 
The function f may be measured at m different points ( m > n) to yield 
observed values of f (f ) for 
0 
known values of the variables 
x1 , x2 , • • • xn. Similarly for the known values of xi an expression 
for f can be derived from equation L~ .35 ( f ) • The best values of the 
- c 
parameters p1 , p2 , ••• pn (in the least-squares sense), are those values 
109. 
which minimise ·the sum of the squares of the residual ·terms ( f - f ) 
0 c 
over the m observations, i.e. minimise the function 
R = 
m 2 z w ((f) -(f) )-
r=1 r o r c r 
where w is a weighting factor for the ith observation. The minimum 
r 
value of the function R is found by differentiating the function R 
with respect to each parameter in turn and setting the derivatives 
equal to zero. The procedure gives 
m 
w ((f ) -
r or 
,a( f ) 
(f ) ) c r = 0 
c r 
Opj 
4.37 
for the jth parameter. By considering the n parameters in turn, n 
equations of the type Lt·.37 are obtained. The partial derivative 
of f
0 
with respect to pj is determined and this partial derivative 
is substituted into equation Lt·.37. This procedure gives a set of n 
equations L~.38. 
m 
r~ 1 w ((f ) - (x1) n1 - (x2 ) p2 - ••• - (x ) p )(x1) = 0 - r o r r- _ r n r n r 
m 
r~1 wr((fo)r- (x1)rp1 - (x2)rp2 - ••• - (xn)rpn)(x2)r = 0 
• 
m 
r~1 wr((fo)r - (x1\:.P1 - (x2)12 - • • • - (xn)r(pn))(xn)r = 0 
A set of m equations is therefore contracted into a set of n equations 
containing n unknowns (p1, p2 ••• p11) and the solution of these n 
equations gives the best values of the parameters p1, p2 ••• p11 in the 
least-squares sense. The set of n equations is solved with the aid 
of a computer using matrix techniques. 
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If the function f is not linear in the parameters p., 
J.. 
as is frequently the case for multiple equilibrium systems then it 
can be approximated to a linear function by using a Taylor series i.e. 
where the terms ai are initial approximations of the parameters pi 
and the terms of order greater than one in the Taylor series 
are ignored. Equation 4.39 can be rewritten as 
where ~pi = pi-ai. This process leads to m linear equations to which 
the least squares procedure can be applied. If the a. terms are 
J.. 
sufficiently good approximations of the pi terms then ·the least 
squares process will yield values of ~p. such that a 11better11 
J.. 
approximation (ai1) of the pi terms is obtained 
1 
ai ::: a. + ~p. 
. J.. J.. 
Successive cycles of this procedure will yield 11 better11 values for the 
terms a.. Several cycles are required because equation 4.39 is only 
J.. 
an approximate expression for the function f. The number of cycles is 
determined by a test condition on the change between two successive 
1 
values of a .• 
J.. 
L~ .. 6 STATISTICAL ~1ETHODS 
4.39 
4 .. 40 
4.41 
Stat:i,stical parameters are generally used to determine how well 
a postulated model explains the experimental results. These statistical 
111. 
parameters are used to ul·timately determine if a model system will 
be accepted or rejected. 
4.6.1 of J?it11 of and Calculated Data 
After values for equilibrium constants (or enthalpy changes) 
have been obtained it must be determined whether or not the calculated 
results can adequately account for the experimental data. If they do 
not then further equilibria, or a different model system may be 
implicated. 
Methods of determining goodness of fit usually involve an 
examination of the residual terms (f - f ). A systematic trend in 
. 0 c 
these residual terms indicates the possible influence of :further 
equilibria. A systematic trend in the residual terms is possible with 
the least squares technique as the method only leads to values of the 
residuals such that their mean is zero. 
Another method of examinine; the residual terms is to examine 
the standard deviation of the residuals. Ideally the residual terms 
should have a normal distribution176 of mean zero and standard deviation 
a. The estimated standard deviation of the residuals is given by the 
statistic s 
s :::: 
L:w.(f -
~ 0 
NO- NV 
where NO is the number o:f observations and NV is the number of 
4.42 
va.riables being determined. The estimate of the standard devia·tion 
of the residuals (s) can therefore be used as a test of 11goodness of 
fit" (where a value of s as lovt as possible is desirable). The 
parameter s can also be used as a test of convergence in the least 
squares process where convergence to a satisfactory level is said to 
have occurred when a change in the unknown parameters results in a 
change in s within a certain tolerance. 
Another parameter often calculated to determine the "goodness 
of fit" of the calculated results to the experimental data is the 
"crystallographic" R factor177 defined as 
R = 
~w.((f ). - (fc)~) 2 l. l. 0 l. ..... 
llw.(f ). 2 
l. l. 0 l. 
The lower the value of R the better the fit of the experimental data 
to the calculated data. 
112. 
Tests can be performed173 to determine how closely the residual 
terms follow a normal distribution of mean zero and standard deviation 
estimated by s. The usual method used is the fX;2 test. 178 The residual 
. terms are divided up into ranges in which the number of residuals 
occurring in each range is compared with the number of residuals 
expected to occur in each range if the d:Lstribution was in fact normal. 
For example if the res:Ldual terms are divided up into the 8 ranges 
(-ooo to -1.15o), (-1.15o to -0.675o), (-0.675o to -0.312o), 
(-0.3120 to o.oa), o.oo to 0.312o), (0.3120 to o.675o), (0.675o to 
1.15o) and 1.150 to coo) for which the expected percentage of residual 
terms (for a normal d:Lstribution) falling in each range is 12.5%, 
8 (0. - E. )2 
the statistic tX;2 is calculated as rx;2 = ~~ l. l. where Oi is 
i=1 
the observed frequency of residuals occurring in the ith range and E. 
l. 
is the expected number (12.5%). 2 The value of 00 obtained for a 
particular model can be compared with those obtained for other model 
2 
systems, or the value of rx; can be compared with the expected value 
of 'J3 at a fixed level of significance using appropriate tables. 
'rhe rxJ!- statistic and R factor are also used to determine 
whether or not the addition of another parameter (another equilibrium 
constant) results in a significant improvement in the fit of the 
experimental data to the calculated results. The Hamilton test177, 179 
is used to determine if, on adding further parameters to the least-squares 
equation, the reduction in the R factor is significant or in fact 
could have arisen by chance. Similarly if the fit of the calculated 
results to the experimental data is improved by adding further 
parameters then the residual terms should more closely follow a 
2 
normal distribution. A reduction in the value of .()V calculated from 
the residual terms may indicate a better fit of the data. If the 
2 
calculated IXJ statistic increases in magnitude this may indicate a 
substantially poorer fit of the data. 
4.6.2 of Statistical Parameters 
2 The uses of the R factor and the IXJ parameter have various 
limi·tations when applied experimental data. The first of these 
113. 
involves the ·type of function used in the least-squares determination. 
'l'he R factor is a variable of the residual terms and of ( f )2 • 
0 
If the transformation f 1 :::: f +his performed on f where his a con-
stant (or variable) then the R factor as defined by equation 4.L~3 
becomes 
R:::: 
l;w.((f +h).- (f + h)i/ 
~ ~ 0 ~ c -
- 2 ~w.(f +h). 
J. ~ 0 ~ 
4.44 
which differs from equation 4.1+3. A criterion of "closeness of fit 11 
may be an allowed maximum value of R (predetermined from previous 
experience) calculated from the residuals. If however the function 
- [ + ' minimised is changed from say n to •rH - H ] then the value of R 
obtained for n will :Ln fact be different from that for the function 
+ TH- [H ], and the maximum value of the R factor nmst be adjusted to 
compensate for this effect. 
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The use of the riJ statistic to determine how accurately the 
residual terms follow a normal distribution is also not without 
limitations. With the limited number of sample points in a single 
titration (generally <l+O) an accurately defined distribution is not 
possible. Coupled with any bias in a titration (e.g. error in 
weighinp; ligand, in alkali concentration, etc.) the probability of 
the limited number of residual terms closely following a normal 
distribution may in fact be small. The only method of avoiding this 
problem is to increase the number of data points (increase the number 
of samplings of the residual terms) and to combine the residual terms 
from several titrations to minimise the effect of experimental error. 
The statistical measures of goodness of fit are useful 
indicators of goodness of fit between experimental and calculated 
data but the limitations of using small sample sizes and the influence 
of experimental error muot always be considered. 
4.7 PROORAHS 
Programs and subroutines used in this study to calculate 
~1(obs) and ~(calc) for the protonation of the diamine oxime ligands, 
equilibrium quotients for the formation of metal-ligand complexes, 
calorimetric solution compositions and enthalpy changes are given in 
the appendix (page 234 ) • A listing of the general least-sque.res 
d . th' t d h b ' b H d ' 129 program use ~n ~s s u y as een g~ven y e w~g. 
CHAPTER 
LIGAND SYNTH1~SIS AND PHYSICAL PROPERTIES 
The appropria.te experimental conditions for the synthesis 
of Hddmo and dddm were established by a p.m.r. study of the rate of 
reaction of the diamine dione dddk with methoxyamine. The ligands 
were characterized by infrared and p.m.r. spectroscopy, and spectra-
scopic data for the ligands are reported in this chapter. The 
ligands H2dddo and dddm were observed to isomerize (~-9) under acid 
conditions, and isomerization data, as determined by p.m.r. spectra-
scopy are reported. 
SYNTHESIS 
5.1.1 Reaction Hechanism 
The diami:ne oxime ligands were prepared by the reaction of 
the parent die.mine with acetone to yield the diamine ketone 154, 180 
follov1ed by reaction with either hydroxylamine or methoxyamine as 
outlined in section 3.4. The reaction of the parent diamine with 
acetone can be considered to be an addition of the e.mine to the 
c-o double bond of acetone 15'+, 180 ' 181 to yield an imine; 
R11 NH 2 
R - C - R1 II 
N 
"'R" 
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This reaction is followed by the addition of acetone to the C-N double 
bond under basic conditions. 154 
CH3 - ~ - CH3 
N 
R/ 
-CH - C - CH 
2 II 3 
+ 0 
Alternatively,the diamine ketone can be prepared by a Hichael 
addition of the amine to the C-C double bond of mesityl oxide. 
Th h . . 182 . e mec an~sm ~s 
H'\ /II 
+N-H 
R\_ /H 
+N-H 
/ I 
- I RNH + ~C 
2 / :::: CH - C ---1 - C - CH = C - 0 f-+ - C - CH - C :::: 0 \ I I 
0 
l 
R H 
""'/ N I 
-C - CH2 I - c -II 
0 
The Hichael reaction is reversible and the product may be decomposed 
by bases. 183 Hedwig184 has observed that the diamine dione dddk 
decomposes in a.llmli.ne solution (pH 8 - 10). 
Determination of 
To determine appropriate experimental conditions for the 
synthesis of Hddmo,a p.m.r. study of the rate of reaction of CH3oNH2 
with the diamine dione (dddk) in alke.line D20 was undertaken. The 
dia.mine dione dihydroperchlorate ( 4 :x 10-5 moles) and methoxyamine 
(12 x 10-5 moles) were placed in a p.m.r. sample tube and D20 
(~. 0.3 ml) was e.dded. Solid NaOH was added until all solids had 
dissolved. '.rhe p.m.r. spectrum was recorded after intervals of time 
at 25°C and the extent of reaction was determined from the ratio· of 
the resonance integral for the 0-methyloxime protons (increasing 
with time) to the resonance integral for the gem-dimethyl protons. 
The results are sumrm3.rized in table 5.1. Starting with a 3 : 1 
mole ratio of reactants, 50'/o of the ketone groups were converted to 
0 
an 0-methyloxime derivative after 4.5 hours at 25 c. This rate 
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experiment also established that an excess of the methoxyamine reactant 
Time 
(hrs) 
0.25 
3.0 
6.0 
25.0 
TABLE 5.1 
Extent (%) of Reactiona 
18 
1~5 
53 
67 
aExtent of reaction (%) determined from p.m.r. 
spectrum as the ratio of twice the integral for the 
0-methyloxime proton resonance to the integral for 
the gem-dimethyl protons. 
117. 
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would be required to convert all carbonyl groups to the 0-methyloxime 
derivative. This may have resulted from the volatility of methoxy-
amine (b. pt. L~9°C). 185 Because the diamine dione slowly decomposes 
to give mesityl oxide and diamine in allmline solution 184 the 
synthesis was carried out at 0°C. Details of this 11reparation are 
given in section 3.4.4. In working up the reaction mixture unreacted 
dione, and the byproducts H2dddo,2HClo4 and dddm,2HClo4 were 
removed as described in section 3.4.Lt-. Under alkaline conditions 
the unreacted dione was hydrolysed to ethylenediamine and mesityl 
oxide, while H2dddo precipitated as the free dioxime.
40 The ligand 
dddm,2HClo4 was separated from Hddmo,2HClo4 by repeated recrystalliza-
tion from aqueous solution. 
The oxime a.nd 0-methyloxime functional groups are slowly 
hydrolysed in acid solution. 1+ '7 Acidic (pH < 2) aqueous solutions 
of H2dddo, Hddmo and dddm were observed to yield varying amounts 
(0 - 10?6) of the dione dddk over 3 - lt- hours. The ligands Hdno and 
dnm were also observed to decompose in aqueous acid solution; 
therefore these ligands were isolated as the dihydroperchlora:te 
salts from aqueous/organic solvent at pH~ 3. 
ISOMEHISH 
Two isomers of the diamine dioxime (H2dddo) have been 
isolated and characterized, viz. an J2,!! form (anti-methylene) and a 
40 ~'~form (syn-methylene). It was observed that these geometric 
configurations are "frozen" in solvent Cli'3comr but, as observed by 
Norris and Sternhill, 34 oxime isomerization occurs rapidly in 
cF3COOH/D2o. The salt <&,s) H2dddo,2HCl did not isomerise in n2o 
and the addition of small amounts of sodium chloride, sodium 
hydroxide and hydrochloric acid did not affect the p.m.r. spectrum. 
Hedwig et al reported165 that both the~'!! and,?!,~ isomers of H2dddo 
react spontaneously in aqueous solution to give the same complex with 
copper(II) ions, indicating a rapid isomerlzation of the llgand in 
-lf. ) the presence of metal ions (>5 x 10 M • 
Conflgurational ~?signmen~ 
The p.m.r. spectroscopic assignments for the ligands H2dddo, 
Hddmo, dddm, Hdno and dnm in CF3COOH and D20/CF3COOH (50 : 50) are 
given in tables 5.2 and 5.3. In contrast to H2dddo, the llgands 
Hddmo and dddm were lsolated in only one isomeric form as determined 
by p.m.r.; ad.d salts (Clo4-, Cl-, Br -) of the other lsomer appear 
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to be too soluble to permit isolation. In contrast to H2dddo the 
ligands Hddmo and dddm would not crystallise under alkaline conditions. 
The ligand dddm formed an oil on evaporation of alkaline aqueous 
· solutions. 
The dddm isomer isolated from the diamine diane dddk by 
direct synthesis (section 3.4.3, method (a)), and the isomer isolated 
from the metal template synthesis (section 3.l~.3, method (b)) are 
identical as determined by p.m.r. and in:fre.red spectroscopy. The 
ligand isolated on acidifcation of the complex Cu(dddm)(Clo4)2 reacts 
with copper(II) j_ons to spontaneously reform the 1 : 1 complex. 'l'he 
' t 1 t t d t . t. 186 d th . . bJ b t. X-ray crys·a s· rue ure e erm1.na 1.on an .e V1.s1. .e a sorp 1.on 
spectrum of the complex Cu(dddm)(Clo4 )2 establish that the ligand is 
co-ordinated to the metal ion through two amino nitrogens and two 
oxime nitrogens i.e. the ligand is co-ordinated in the .lli,m form (see 
section 8.1.3). n is inferred that the dihydroperchlorate salt of 
dddm is also the m,.lli isomer. The green mother liquor left :from the 
metal template synthesis (section 3.4.3, method (b)) gave the ~,m 
isomeric form of dddm,2HClo4 very slowly on acidifcation. The green. 
solution possibly contains the ~'~ isomer of dddm co-ordinated to the 
copper(II) ion through two amino :nitrogens and two oxime oxygens. On 
acidification the green colour is discharged,but before the ligand can 
be isolated as the dihydroperchlorate salt it must first isomerise. 
TABLE 5.2 
P.m.r. Spectral Assignments for the Ligands R2dddo,2HClo4 , Hddmo,2HClo4 and dddm,2HCl04 
a b c d e 
[CH3C(=NORi)CH2C(CH3 )2NHCI~-J2 
t ;=-
Compound R. Solvent 6(1J.p.m.) 
J.. 
a. b c d e 
(~,~)-dddm~2HCl04 R1 = R2 = C"".!:.I3 TFA 2 .. 16 4 .. 08 2.90 1.66 3 .. 73 
(~,~)-dddm,2HClo4 R1 = R2 = CH3 TFA/D20 1.96 3 .. 92 2.66 1.55 3.55 
(~,~)-dddm,2HCl04 R1 - R - ,...H TFA/D20 2.30 3.98 3.03 1.58 3 .. 56 - 2-v-., ..., 
(~,~)-H2dddo,2HClo4 R1 = R2 = H TFA 2.40 3.15 1 .. 70 3.85 
(Z,Z)-H2dddo,2HCl R1 = ~ = H TFA 2.53 3.55 1 .. 75 3 .. 92 
(E,E)-Hddmo,2HClo4 R1 = H; ~ = cn3 TFA 2.18 
* 2.93+ 4.13 1.68 3 .. 82. 
** 3 .. 20++ 2.42 1.67 
* * Hddmo ,2HClo4 R1 = H; ~ = ~ TFA/D20 1.98 3 .. 94 3.03 1.53 3.52 
2.32+ 2.67+ 
** ** 2.07 3.03 
2.32++ 2.72++ 
~ 
1'\) 
0 
. 
t CF3COOH (TFA) or 50% CF3COOH/D20 
f Relative to THS as reference 
** cis-OH 
+ tra:n.s-OCH3 
++trans-oR 
TABLE 5. 2 Continued 
TABLE 5.3 
P.m.r. Spectral Assignments for the Ligands Hdno,2HClo4 and dnm,2HClo4 
a b c d e f (CH3)2N(CH2)2NHC(CH3)2cH2C(=NOR)CH3 
Compound + Solvent R o(p.p.m .. )++ 
a b c d e 
(E)-Hdno,2HClo4 TFA H 3.18 3.86 1.73 3.18 
3.27 
(E)-dnm,2HClo4 TFA CH3 3.30 3.97 1.83 3 .. 15 L~.26 
3 .. 40 
Hdno ,2HCl04 TFA/D20 H 3.03 3 .. 58 1.48 
* 2.68 
** 3.03 
** * dnm,2HClo4 TFA/D20 CH3 3 .. 08 3.67 1.51 2.66 3.95 
* 1.55 3.08 ** 3 .. 98 
f 
2.46 
2.,38 
2.03 
2.,28 
* 1 .. 98 
** 2.33 
* 
** 
* 
** 
....J. 
i\) 
i\) 
. 
TABLE 5.3 Continued 
++Relative to T}~ as reference 
* For (~)-configuration 
** For (~)-configuration 
From the assigned configuration for the dddm isomer the 
nuclear magnetic resonances for cis (OCH3) a-methyl and trans 
(ocH3) a-methylene groups are determined. From isomerization 
studies q_g,§ ~ ~'~ in 50?6 n2o;c:E'3comr) assignments were also made 
for the respective trans and cis configurations. By analogy, 
assignments were made for the a-methyl and a-methylene groups in 
the § 7§ and ~'~ forms of H2dddo and Hddmo. These are reported 
in table 5.2. Assignments for the ligands Hdno and dnm were made 
by analogy to dddm and from isomerization studies in 50';6 D20/CF3COOH. 
These assignments are shown in table 5.3. 
From the configurational assignments for the ligands used in 
this study two facts emerge. Firstly the resonance for both the 
·a-methylene and a-methyl protons are at higher field for the § 7§ 
isomer than for the ~'~ isomer when p.m.r. spectra are recorded 
in CF3cooH and D20/cF3cooH. This observation contrasts with those 
124. 
. 40 187 25 
repor-ted for several oxJ"mes ' and oxime ethers in other solvents 
which indicated that a-methyl and a-methylene protons resonate at 
higher field when trans to the -OR group. However a similar result 
has been observed for ethyl 3-(hydroh7imino)butanoate (in solvent 
D20) for which the a-methylene and a-methyl protons resonate at 
higher field when trans and cis respectively to the -OR group. 51 
-- .. 
~J.lhe second fact to emerge from the present assignments is that the 
assignments made previously for H2dddo (on the basis of infrared 
spectra) vtere in error and the correct assignments are given in 
table 5.2. 
Isomerization 
The ~-.?! isomerization of the diamine oxime ligands was 
studied in CF3COOH, D2o and 50?6 D20/CF3COOH by p.m.r. spectroscopy. 
A ligand sample was dissolved in the appropriate solvent and the p.m.r. 
spectrum run after specified intervals of time. The extent of 
isomerization was determined from the relative ratios of both the 
a-cn3 and a-cH2 resonances :i.n the two isomeric forms. In fig 5.1 
the results are summarized as the extent of E-Z isomerization with 
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time for the ligands H2dddo,2HC1o4 and dddm,2HClo4 in 5CY;6 D20/CF3coon. 
The ligand dddm,2HCI.o1~ isomerized 17 times more slowly than did the 
dioxime ligand H2dddo,2HClo4 in D20/CF3coon solution (assuming no 
:§,~isomer was formed). 
'rhe rates of E-Z isomerization o:f Hdno and dnm were examined 
as described for the dioxime ligands. The results are summarized 
in fig 5.2. In contrast to the results obtained for H2dddo,2HC101t 
and dddm,2HC1o4 the rate of E-Z isomerization o:f dnm,2HClo4 in 
50/50 D20/cF3cooH is only 4 times slower than that for Hdno. The 
observed rate of isomerization of the o-alkyloximes compared to the 
oximes in acid solution parallels the known rates of uncatalysed 
isomerization of oximes and 0-alkyloximes (oxime> 0-alkyloxime) • 30 
None of the ligands examined isomerized measurably (over 
" 21~ hours) in the solvents CF,:COOH or n2o. Isomerization was however :J -
observed on the addition of concentrated HCl to D20 solutions of Hdno 
and dnm. Isomerization occurred at an appreciable rate when the 
concentration of HCl exceeded ca. 0.5M. A similar result has been 
obtained :for the isomerization of 1,4-benzoquinone monoxime derivatives 
where the rates of isomerization are enhanced in 3M HC1, 31+ although, 
in contrast, the isomerization of phenyl-2-pyridine ketoxime is slow 
in 1M HC1. 38 
The calculated [H+] in CF3cooH (pKa'"" -0.8) 
188;n2o (50 50) 
is ca. 4M. If the oxime has a pK of ca. -0. 9
1
t then in 50/50 
-a -
CF3cooH/D20 the extent of protonation will be approximately 5cr;6 and 
in 0.5M HCl ca. 5%. This suggests that acid catalysed ;§-~ isomerization 
of oximes proceeds by a mechanism involving protonation of the oxime 
Fig. 5.1 
Isomer Ratios for the Acid Ce.talysed Isomerization of 
the E.! ,!Q isomer of the Die.mi:ne D:toxime Ligands 
[Z, Z] 
[E' E] 
14 
12 
10 
8 
6 
4 
2 
olL=c=~===== 1 2 3 4 5 
tim e2 (h rs) 
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Fig. 5.2 
Isomer Ratios for the Acid Catalysed Isomerization of 
[Z] 
(E] 
the E isomer of the Diamine Oxime Ligands 
3 
2 
1 
0 1 
o Hdno 
+ dnm 
2 3 
time? ( hrs) 
4 
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nitrogen i.e. via the intermediate; 
( ) 
(II) 
An inversion mechanism for acid-catalysed ~-~ isomerization is blocked 
by the protonation of the oxime nitrogen. The contribution of the 
canonical form (II) to the structure of the protonated oxime lowers 
the C-N double bond character. The most likely mechanism for acid 
catalysed isomerization is via the protonated oxime, with rotation 
· about the C-N bond. 
In pure solvent CF3coon no isomerization is observed. The 
acid dissociation quotient is lower in the pure solvent (and con-
centrated solutions) than in dilute aqueous solution. 188 The extent 
of protonation of the oxime nitrogen is therefore expected to be 
lower. li'urther, in pure solvent cF3cooH the structures (I) and (II) 
may not be sufficiently stabilized by the solvent because of its low 
dielectric constant (e20o0 :::: 8.2l~). 189' 19° 
5.3 INFRARED STUDIES 
The infrared spectrum of H2dddo,2HC1o4 in the region 3700-
-1 40 1500 em has been reported. 'rhe infrared spectra and band assign-
ments for the ligands Hddmo,2HC1o4 , dddm,2HClo4 , Hdno,2HC101r and 
dnm,2HClo4 are reported in table 5.4 along with the band assignments 
made for H2dddo,2HC1o4• As well as the bands assigned in table 5.4 
all diamine oxime dihydroperchlorate salts showed perchlorate stretch-
ing modes at 1120- 1050 cm-1 and at 615 cm-1•155 The oxime ligands 
H2dddo ,2HClo4 , Hddmo ,2HCl01+ and Hdno ,2HClo4 all show an absorption 
band near ~3500 cm-1 characteristic of a free 0-H group. 191 There appears 
TABLE 5.4 
Infrared Spectral data (cm-1) for the Dia~ine oxL~e dihydroperchlorate Ligandsa 
Ligand v(o-H) + v(NH2 ) v(C=NOH) v(C=NOCH3) oCNH2+) v(N-OH) v(N-OCH3) O(N-OH)b 
H2dddo,2HClo4 3512(s)c 3110(m)c 168o(w)c 1564(m)c 965(w) 675(m) 838(w) 
Hddmo,2HClo4 3500(s) 3100(s) 1675(w) 1650(w) 1565(m) 965(w) 858(m) 675(m) 838(w) 
dddm,2HClo4 3100(s) 1650(w) 1570(m) 858(m) 
Hdno,2HClo4 3500(s) 3140(m) 1675(w) 1568(m) 968(w) 675(w) 840(w) 
dnm,2HClo4 3150(m) 1650(w) 1580(m) 850(m) 
a 
s = strong; m = medium; w = weak 
bo-u.t of plane deformation mode 
c Data from ref. 40 
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to be no appreciable hydrogen bonding of the oxime hydroxyl group in 
the solid state in the dihydroperchlorate salts. The stretching 
mode of the N-0 bond was assigned by reference to other oxime 
molecules. 15, 192 , 193 It is generally regarded that this absorption 
is not a pure mode. The band at 675 cm-1 is characteristic of these 
oxime molecules and is assigned to an out-of-plane bending mode of 
the oxime OH group. 191 
The v(N-OH), v(N-OCH3) and the out-of-plane bending mode 
of the OH group, which show characteristic absorptions in the oxime 
ligands, were useful in determining the nature of the products 
produced in the synthesis of the ligands. 
CHAPTEH 6 
PROTONATION OF THE LIGANDS 
'l'he diamine oxime ligands examined in this study contain 2 
amine groups for which protonation data have been obtained. Log K, 
Lm and 6S data (at 25.0°c and I = 0.10!1 NaCl) are reported for the 
protonation of the ligands H2dddo, Hddmo and dddm, and lor; K data 
(at 25.0°c and I = 0.1011 NaCl) for the protonation of the ligands 
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Hdno, and dnm. The ligands also contain an oxime group which affords 
a wealdy basic nitrogen (pK N -0.9)4 and a weakly acidic hydroxyl 
a 
proton. An attempt to meo.sure the protonat:Lon constant of the oxime 
nitrogen was unsuccessful (section 6.LJ.). The dissociation constant 
for the oxime hydroxyl proton has previously been determined for 
165 . the ligand H2dddo (pK 12.3 + 0.2), and no attempt was made to -~ a 
measure this constant for the lic;ands Hddmo and Hdno. It was assumed 
that the pK for oxime hydroxyl deprotonation was 12.3. The amine 
a 
protonat:Lon data (log lc) (25.0°C, I = 0.10H NaCl and I = 0.002H NaCl) 
for methoxyamine are reported. 
6.1 
6.1.1 Hesults 
The protonation constant for the equilibrium 
v1as determined by titration of NaOH ( 0.21t2N) into solutions of 
methoxyamine hydrochloride (~. 2 x 10-3M). The ionic strength 
was maintained at either 0.10M or 0.002H by the addition of NaCl. 
Solutions were prepared with co2-free distilled water and the 
titration v1as carried out in a N2 atmosphere. Data from the pH-volume 
titrations are given in tables 6.1 and 6.2. The data show one end 
point corresponding to the removal of one proton and the data were 
analyGed in terms of the single concentration quotient 
k = 
+ [NH3ocH3J 
[NI-I2ocH3J [H+] 
The value of k was calculated independently for each data point 
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6.1 
throughout the titration in the range ~I = 0.2 - o. 9 using the 
+ measured p[H ] and the stoichiometric concentrations of methoxyamine 
and titratable hydrogen ions as described in section l~ .1.1. 'P.he 
mean value and standard deviation of log k were calculated for each 
titration (each of~· 20 data points). The standard deviation for 
any titration was less than 0.02 log k units, indicating that equation 
6.1 adequa:tely described the equilibrium system. The mean value of 
log k (at I = 0,10H NaCl, 25.0°C) for 5 titrations (_± standard 
deviation) was l~.62 .± 0.01. For 1 titration at I = 0.002H (25.0°C) 
the mean value observed for log k. was '+.56 + 0.02. 
6.1.2 Discussion 
The protonation constant for methoxyamine has been reported 
L 6 0 185 L 6 R' 250C (. . as log k = ~. JO + 0.02 at 25 C, I = 0.025 and ~. 2 c:."C _ J.om.c 
. 19l~ streng'\~h not stated). The log k values reported in this study 
compare favourably with these. Ji'or hydroxylamine log k has been 
reported as 6.o79 and 5.97 at 25°C, I = o.o.56 The higher basicity 
for hydroxylamine is contrary to that expected on the basis of 
inductive effects. The Taft a* values for OH and ONe are approximately 
equal, being 0.55 and 0.52 respectively. 195 The observed trend in 
basicity may result from the contribution of a canonical form of the 
- + type NH2-o H to the electronic structure of hydroxylamine. This 
rationale is supported by the fact that the hydroxyl proton is weakly 
TABLE 6.1 
Representative Data for the Titration of NaOH into a 
Solution o:f MeONH2,HC1 at 25.0°C, I ::: 0., 10M NaCl. 
Initial Composi~: [MeoNH2 ,HC1] "' 2.6oo x 10-3M 
Vola p[H+]b Vola ;e[H+]b 
o.o2 3.709 0.26 '+.612 
o.o4 3.799 0.28 4.682 
o .. o6 3.890 0.30 4.736 
o.o8 3.979 0.32 4.806 
0.10 4.065 0.34 4.867 
0.12 4.142 0.36 4.941 
0.14 1+.222 0 .. 38 5.014 
0 .. 16 4.288 o.L~o 5.093 
0.18 4.352 o .. 42 5.190 
0.,20 4.l~21 0.44 5.281 
0.22 LJ .• 486 o.46 5.419 
0.24 4.51+9 0.48 5.564 
~olume (ml) of 0.242M NaOH added to 49.93 ml of 
solution 
bp[H+] derived from pH as detailed in section 3.1.3 
m 
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TABLE 6.2 
Representative Data for the Titration of NaOH into a 
Solution of MeONH2 ,HCl at 25.0°0, I ~ 0.0025M NaCl. 
Initial Compositiol_!: -3 [MeONI-I2,Hcl] == 2.650 x 10 M. 
Vola E!}I+J.b Vola p[H+]b 
0.02 3.667 0.24 4.4·73 
o .. O'+ 3.753 0.26 lf.535 
o.o6 3.838 0.28 4.597 
o.o8 3.922 0.30 4.662 
0.10 lf.003 0.32 4.731 
0.12 4.079 0.3l~ 4.799 
0.14 4.155 0.36 4.867 
0.16 4.222 0.38 4. 9!~3 
0.,18 4.286 o.4o 5.030 
0.,20 1~ .. 348 o.42 5.121+ 
0.,22 4.411 
~olume (ml) of 0.242M NaOH added to 49.93 ml of 
solution 
bp[H+] derived from pH as detailed in section 3.1.3 
m 
53 acidic, pKa ::: 13.74. Alternatively the relative basicities may 
+ -
result from specific solvation effects e.g. the species NH3-o
0 H0+ 
may be stabilized by solvation of the polar 0-H bond. The observed 
trend, which is contrary to that expected on the basis of inductive 
effects, has been noted for other hydroxy and methoxy containing 
compounds. 196 For example cn3ocH2COOH (pKa 3.L~f3) is a stronger 
acid than HOCH2COOH (pK 3.f32).
1f35 Similarly CH7:NHOH is a stronger 
a ~ 
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base than cr-r3l\lHOCH3 ,
185 and (CH3 )2NOH a stronger base than (CH3 )2NOCH3 
185 (see table 6.3). 
6.2 DIAMTNE DIOXI!VIE LIGANDS 
6.2.1 Results 
Protonation constants for the secondary amino 
groups in Hddmo and dddm v1ere determined by titration of NaOH ( 0.163H) 
again.st solutions of the appropriate ligand dihydroperchlorate 
-3 0 (rv1 x 10 · M) and NaCl (I = 0.10M) at 25.0 C. Solutions of the 
ligands were prepared vlith co2-free distilled water by the method 
outlined in section 3.1.lf. (method (a)). Representative data from 
the pH-volume t:i.trations for the ligands Hddmo and dddm are given 
in tables 6.~. and 6.5 respectively. 1.rhe nH(obs) - pH data for the 
ligands Hddmo and dddm are shown in fig 6.1. 
Calorimetric Data Data from the calorimetric titrations 
of standard HCl (N1M) against buffered solutions of the ligand 
dihydroperchlorate, alkali and NaCl (I = 0.10M) at 25°C (initial 
solution composition TL"' L~ x 10-3£.1, ~"' 0.15), are given in tables 
6.6 and. 6. 7 :for Hddmo and dddm :respectively. 1rhe tabulated heat 
change Q
111 
is the measured heat change corrected for the heat of 
dilution of HCL 167 
TABLE 6.3 
Basicity of Some Hydroxy and Methoxy Substituted 
Amines at 25°0. 
Amine pKa 
+ a CH3oNH3 4.62 
H0~3b 5.97 
+ b CH3oNH2cH3 4.75 
+ b HONH2CH3 5.96 
+ b CH30NH(CH3)2 3.65 
+ b HONH(CH3)2 5.20 
aThis work; I = 0 .. 1011 NaCl 
b From ref. 185; I = O.OM 
136. 
137. 
TABLE 6.4 
Representative Data for the Titration of NaOH into Solutions of 
Hddmo,2HCl01+ at 25.0°C, I = 0.,10M (NaCl) 
Initial Composition: 8 -4 TL = 9. Ol~ x 10 M 
TH ~ 1.961 x 10-3M 
Vola .E!!b Vola 
-
Hb E.... Vola pHb 
0.07 5.810 0.18 6.488 o.t~o 9.07~· 
o.o8 5.884 0.19 6.550 0.41 9.132 
0.09 5-99~ 0.20 6.613 0.42 9.188 
0.,10 6.019 0 .. 21 6.676 o.L~3 9.243 
0.11 6.081 0.,22 6.746 o.4L~ 9.298 
0.12 6.141 0.23 6.819 0.45 9.3L~9 
0.13 6.200 o.2L~ 6.901 0.46 9.396 
0.,1ll. 6.260 0.36 8.781 0.47 9.'+1}2 
0.15 6.316 0.37 8.864 0.48 9.491 
0.16 6.373 0.38 8.943 o.l+9 9.537 
0.17 6.l}30 0.39 9.010 0.50 9.584 
~olume (ml) of 0.1632M NaOH added to L}9.93 ml of solution. 
bpH = 0.9951 p[H+] + o.o86; section 3.1.3 
138. 
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TABLE 6.5 
Representative Data for the Titration of NaOH into Solutions of 
0 dddm,2HClo4 at 25.0 c, I = 0.10M NaCl 
Initial Composition: -3 TL = 1.005 x 10 M 
-3 TH = 2.010 x 10 M 
Vola --.E!ib Vola J?!!b Vola J?!!b 
0.05 5.564 0.17 6.334 0.38 8.8lt1 
o.o6 5.652 0.18 6.392 0.39 8.912 
0.07 5.730 0.19 6.450 o.zto 8.978 
o.o8 5.790 0.20 6.512 o.11-2 9.096 
0.09 5.870 0.21 6.574 o.44 9.204 
0.10 5.932 0.22 6.642 o.L~6 9.306 
0.11 5.994 0.23 6.713 o.48 9.L~02 
0.12 6.048 o.2z+ 6.790 0.50 9.lt98 
0.13 6.108 0.25 6.879 0.52 9.592 
0.14 6.164 0.26 6.976 0.54 9.689 
0.15 6.222 0.36 8.67lf 0.56 9.785 
0.16 6.278 0.37 8.762 
~olume (ml) of 0.1632M NaOH added to 1t9.93 ml of solution 
TABLE 6.6 
Representative Calorimetric Data from Titrations of HCl against buffered solutions of Hddmo, I = 0.,10~1 NaCl 
Vola + - 10\Hddmo)b 4 + 10\Hddmo,2H+) Q c d e p[H ] ~ 10 (Hddmo,H ) Q Qcalc "111 vcorr 
(ml) (mol) (mol) (mol) (J) (J) (J) 
0.180 f 9.361 0.551 1.803 1.882 0 .. 002 
0.320 8.549 0.877 0.472 3.197 0.,017 5.463 5.289 5.099 
0.460 6.755 1 .. 249 0.007 2.757 0.923 5.335 5.304 5.278 
0.600 6.063 1.622 0.001 1.392 2.294 5.328 5.328 5 .. 340 
o.o2og 10.177 0 .. 138 3.174 0 .. 507 0.,000 
0 .. 160 9.453 0.458 1.994 1.685 0,.001 5 .. 375 4 .. 284 4.471 
0.300 8.724 0.823 0.664 3 .. 006 0.011 5.250 5.043 5.076 
0.440 6.889 1.194 0.010 2.946 0 .. 725 5.300 5.253 5.250 
0.580 6.159 1.569 0.001 1.586 2.094 5.209 5.208 5.340 
0.720 5.079 1.941 o.ooo 0.218 3.463 5.436 5.436 5.313 
-' 
..j::-
0 
. 
TABLE 6. 6 Continued 
aCumulative volume of HCl (0 .. 984£·1) added at each titration point 
bValues for all ligand species are numbers of moles at each titration point 
cHee.sured exothermic heat change between successive titration points, corrected for heat of dilution of HCl 
dQ is ~ corrected for the reaction H+ + OH- 4 H20 "Corr "' 
e Q - r~H + &LB where ~H are calculated from a least squares process, and r. s are the number of moles of calc - 1 2 ' i ' 
+ + Hddmo,H and Hddmo,2H formed between successive titration points as outlined in section 4.2.1. 
fTitration 1. Initial volume (Vol = o .. o ml) 98 .. &l ml .. Initial composition; T = 3.730x10-3M, TH = 7.799x10-5N L 
gTitration 2. Initial volume (Vol = o .. o ml) 98.84 !J1~. Initial composition; TL = 3.724x10-3M, T H = 6.789x10-
5H 
TABLE 6 .. 7 
Representative Calorimetric Data from Titrations of HCl a~ainst buffered solutions of dddm, I= 0,.10H (NaCl) 
Vola p[H+] - 10\dddm)b 104(dddm,H+) 4 + ~c d e % 10 (dddm,2H ) Qcorr Qcalc 
(ml) (mol) (mol) (mol) (J) (J) (J) 
0.320f 8.912 0.733 1.355 3 .. 678 0 .. 007 
0 .. 480 7.433 1.0Lf-2 0 .. 058 4.711 0 .. 272 5 .. 491 5.420 5 .. 623 
0 .. 640 6.452 1.355 0.,004 3.24LJ. 1.792 5 .. 448 5.446 5.743 
o.8oo 5 .. 892 1.667 0 .. 001 1 .. 677 3.362 5 .. 525 5.525 5 .. 745 
0.160g 9 .. 480 0.424 2.899 2 .. 127 0.001 
0.430 8.196 0 .. 944 0 .. 330 4.651 0 .. 046 9 .. 401 9.144 9.390 
0.590 6.652 1.256 o .. oo8 3.724 1 .. 296 5.847 5.833 5.719 
0.750 6.072 1 .. 569 0.001 2.163 2 .. 863 5 .. 595 5.595 5.746 
0.910 5 .. 322 1.882 o.ooo 0.595 4 .. 432 5.445 5.445 5.734 
o.oooh 10.227 0 .. 116 4 .. 352 0.572 o.ooo 
0.160 9.537 0 .. 392 2.995 1.926 0.,001 5.855 4.652 4.837 ~ +-[\) 
. 
0.320 8.974 0.703 1.467 3.451 0 .. 006 5.923 5.698 5.508 
o .. 48o 
0 .. 640 
o .. 8oo 
7 .. 600 
6 .. 480 
5.907 
1.,020 
1.340 
1.659 
0.,084 
0.,004 
0.,001 
TABLE 6. 7 Continued 
4 .. 657 
3.242 
1 .. 676 
acumv~ative volume of HCl (0.984H) added at each titration point 
0,183 
1.677 
3.247 
bValues for all ligand species are numbers of moles at each titration point 
5 .. 738 
5 .. 842 
5 .. 831 
5.611 
5 .. 741 
5 .. 745 
cMeasoxed exothermic heat change between successive titration points, corrected for heat of dilution of HCl 
d + -Qcorr is ~ corrected for the reaction H + OH ~ H20 
eQ 1 = r~H1 + ~2 where ~H. are calculated from a least sauares ~rocedure and r. s are the nunfuer of moles of cac ~ • - , 
dddm,H+ and dddm,2H+ formed between titration points as outlined in section 4.2.1 
fTitration 1 .. Initial Volume (Vol = 0.,0 ml) 98 .. 84 ml. Initial Composition; 
_-z. 
5.366x10-4H T_ = 5.099x10 -'H, TH = l.J 
gTitration 2 .. Initial Volume (Vol= o .. o ml) 98 .. 84 ml .. Initial Composition; TL 8 -3 
..b. 
= 5.0 6x10 N, T.,..,. = 5.117x10 'N 
n 
~itration 3. Initial Volume (Vol = 0.0 ml) 98.84 ml. Initial Composition; TL = 4.981x10-3£.1, TH = 3 .. 019x10-4:H 
of the Data The protonation of the ligands Hddmo 
and dddm can be represented by the stepv1ise equilibria 
and 
+ UI 
LH 2+ 
2 
where J~ represents the ligand Hddmo or dddm. The concentration 
quotients :for these equilibria are given by 
k1 
[LH+] 
::: 
[L][H+] 
[LH 2+] 
and k2 
2 
::: 
[LH+] [H+] 
(I) 
(II) 
6.2 
6.3 
'.[.lhe stepwise protonation constants were computed :from derived ~( obs) -
pH d.ata as detailed in section l~.1.1. The protonation constants for 
Hddmo given in table 6.8 were determined :for 6 titrations each of 
ca. 35 data points, and those for dddm from 1lf. titrations ea.ch of 
ca. 35 data points in the range nH 0.10 - 1.80. H factors (see section 
4.6.1) of .92:• 0.25% were achieved and there VJere no systematic trends 
in the residual terms (~(obs) - i\1(calc)). 
The calorimeter solution composition at each titration point 
was calculated from the derived values of k1 and k2 as outlined in 
section L, .• 1.1. The stepwise enthalpy changes for protonation (L\H1 
and &r2 for reactions I and II respectively) VJere calculated using 
a linear least squares procedure as ou.tlined in section 4.2.1. The 
values of the heat change calcule.ted from the least squares analysis 
Q(calc) are given in tables 6.6 and 6.?. !\. comparison of each (.~(calc) 
va.lue with Q( carr) ( ~ corrected for the heat of neutralization of 
hydroxide ion 168 produced in the reaction H20 + L ~ OH- + UI+) 
indicates that the least squares refinement of the culorimetric data 
was satisfactory. The enthalpy changes (6H1 and .6.H2 ) for Hddmo 
TABLE 6 .. 8 
Thermodynamic Data for the Protonation of Diamine Ligands, 25°C 
a H2dddo 
Hddmob 
dddmb 
Diamine 
N,N 1-diethylethylenediaminec 
-1 (kJ mol ) 
9.41 ~ 0.02 39.6 ~ 0.3 
9.38 + 0.01 3799 ~ 0.6 
9.34 + 0.,01 35.9 ~ 0.5 
10.44 45.5 
N,N 1 -di-n-butylethylenediamined 10 .. 19 
~ata from ref. 184 
bThis work; mean~ standard deviation, I = 0.,10M NaCl 
6S1 
(J mol-1 K-1) 
48 + 1 
52~ 2 
58.:!: 2 
46 
log~ -6~ 
-1 (kJ mol ) 
6.35 ~ 0 .. 02 40.2 ~ 0.3 
6.28 + 0.,01 38 .. 8 ~ 0 .. 5 
6.19 .:!: 0.,01 36.5 ~ 0.4 
7.51 44.0 
7 .. 46 
L:.s2 
(J mol-1 K-1) 
-13 ~ 1 
-10 + 2 
-4 + 2 
-0 .. 4 
cData from ref. 199; I = 0.51'1 NaClo4• Values calculated for I= 0~ 1 (section 2.2 and ref. 135) are -M1 = 45.5 and 
-1 -~2 = 44.6 kJ mol respectively. 
~ata from ref. 198; I = 0 .. 65N KN03 
1'-1-6. 
and dddm vrere determined from 10 data points (2 titrations) and 28 
data points (6 titrations) respectively. The enthalpy changes for 
protonation of the ligands are given in table 6.8. 
6.2.2 Discussion 
Calculation of Data 
Empirical equations have been developed to predict the 
effect of substituents on b.G, 6H and 6S for the amino protonation 
of amine:s and diamines. 
Clark and Perrin reported196 empirical equations of the form 
pK :::: 13.23 
-
3.1'+~0* 
- a. 
pK = 12.13 - 3.237.0* a 
pKa :::: 9.61 - 3.30.60* 
to predict the pK of primary, secondar;y and tertiary aliphatic 
- a 
amines respectively (~0~' is the sum of the Taft 0 * values of the 
6.'+ 
6.5 
6.6 
substituents attached to the amine nitrogen). These empirical equations 
assume no abnormal steric, solvation or resonance effects. Clark 
d P . 1 ' d 196 t . . t f th b d b an _err1.n a __ so repor'Ge . an equa -J_on J.n erms o: e o serve _ ase 
weakening effect of a substituent (6pKa) and the t;>rJ?ical pK
13
_ values 
observed for a variety of prirnary ( 10. 77), secondary ( 11.15) and 
tertiary (10.5) amines. When several substituents are present the 
base weakening effects are e.ssumed to be additive and a transmission 
factor of 0.5 per carbon atom is assu.med. As an example the pKa for 
+ . . 196 IIJII3(cH2)2NII2 J.s est1.mated as 
= 10.77 - o.8o 
:::: 9.97 
where o.8o is the base weakening effect of an NH2 group two carbon 
atoms av1ay from the site of deprotonation. The observed pKa for 
ethylenediamine is 9.91.56 
Christensen and cov10rkers56 have reported empirical formulae 
for the calculation of enthalpy o.nd entropy changes for proton 
147. 
dissociation from protonated N-oJJcyl substituted primary and secondary 
amines. These equations are of the form 
6H0 :::: 6H0 + 1.59n + o.63n~ + o.46ny m ex. 6.7 
and 
6S0 0 3. 1ltnf3 o.63ny :::: 6S +S n + + 
m cx.cx. 6.8 
where 6H0 and 6S 0 are expressed in kJ mol-1 and JK-1 mol-1 respectively. 
In equations 6. 7 and 6. 8 6H0 and L\S0 are the values of MI0 and 1'1S 0 
m m 
observed for methylamine or dimethyJ.amine (depending on whether a 
primary or secondary amine is being examined); Yb:,, n~ and ny are the 
number of carbon atoms 1, 2 and 3 carbon atoms from the carbon next 
to the site of protonation and Sex. is the "entropy substituent effect" 
-1 -1 . -1 -1 
of an ex. carbon ( 5. 02 JK mol for primary annnes and 2. 93 JK mol 
for secondary amines). 
Paoletti197 also has reported a formula to predict enthalpy 
changes for the protonation of primary alkyl d:Lamines. Th:i.s formula. 
is 
where 6H(NH2 ) is an empirical value for the enthalpy change on protona-
tion of an NH2 group. The integer n is the numerical position of an 
atom or ion:i.c centre with respect to the amino group being protonated 
and o(C), o(NI-12 ) and o(NH3 ) measure the effect exerted by a carbon atom, 
NH2 and NH3+ group respectively on the enthalpy of protonat:Lon. 
148. 
Basicity of the Ligand /unino Groups 
The log k data given in table 6.8 show that there is a. 
considerable reduction in the basicity of the diamine dioxime lic;ands 
COl11J?ared to that of N ,N' -dimethylethylenediamine or N ,N 1 -diethyl-
ethylenediamine. This observed reduction in basicity results from 
two factors: 
(1) the effect of theN-alkyl substituents on the amine nitrogens, 
and 
(2) the electron withdrawing effect of the oxime substituents • 
The Base .Substituents Increasing the 
chain length of the N-alkyl substituents in a diamine RNI-ICH2cH2NHR 
causes a slight reduction in the basicity of the nitrogen atoms 
(e.g. for R = J~t, n-Pr, n-Bu log k1 :::: 10.1~6, 10.27 and 10.19 
respectively at 25°C, I = o.65H). 198 Hov1ever with a large number 
of N-alkyl monoamines the basicity does not decrease uniformly with 
. 196 increasing cha~n length. The basicities of the primary amines 
( + ~ ·+·) 61. 6- 61• RNH2 are log ]( RNli2 + H ..--- RNI-13 = 10. 'i·, 10. 3, 10.57 and 10. '-j· 
for R = He, Et, n-Pr and n-Bu respectively. 56 The enthalpy and entropy 
changes for these amine.s show that the approximately constant basicity 
arises from the compensation of the 6H0 and T6S0 terms. As the chain 
length increases -6I-I0 incree.ses and 6S 0 decree.ses. An explanation 
for this effect is in terms of 11 chain stiffening". 1 L~ 1 ' 197 Non-
polarizable groups of low dielectric constant (the alkyl substituertts) 
are repelled from the charged centre in preference to groups of high 
dielectric constant (e.g. solvent water). This results in a solvent 
constrc:dned alkyl chain; a decrease in the number of de[:!;rees of freedom 
results in the decreased entropy change. However by reference to the 
protonation constants of N,N'-dialkyl substituted diam:Lnes it is expected 
that only a small reduction in basicity \'lould result from the alkyl 
chain in the diam:Lne dioxime ligands. 
The Base of Oxime Substituents The markedly 
lower basicity of H2ddclo compared to N,N'-dimethylethy1enediamine,
199 
N,N'-diethylethylenediamine199 and N,N 1 -di-n-buty1ethylenediamine198 
has been ascribed to the base weakening (electron withdrawing) effect 
. 184 6 8) of the ox~me group (see table • • Ji:Xamination of the data in 
table 6.8 shows that the base weakening effect of the o-methyloxime 
group is slightly (but significantly) greater (0.07 - 0.16 log k 
units) than that for an oxime group. 
The base weakening effect of an oxime substituent can be 
estimated from the thermodynamic data for amine protonation of the 
amine cx.-oxime.s of the form 
T--1 
RNH NOH 
which were studied by Wang, Bauman and rvrurmann.93 The thermodynamic 
data for amino protonation have been measured and a comparison with 
the L\G and MI data calculated for the hypothetical ligand RJIJifC(CII.;,J 2cH2CH-z :; - - :; 
from the empirical formulae of Christensen, 56 show that the base 
weakening effect of the oxime substituent is reflected by a decrease 
in log k by 1.7 and in -6H by 8- 13 kJ mol-1•129 Assuming a trans-
mission coefficient of 0.5 per carbon atom for substituent effects, 
then the base v1eakening effect of the oxime group in the ligands 
H2dddo and Hddmo would be 0.85 log lc units. Considering N,N'-di-n-
butylethylenedie.mine as a reference compound then the calculated 
protonation constants (log k) for H2dddo are 9.3L~ and 6.61 Vthich agree 
well \'lith the measured values of 9.lr1 and 6.35 (see table 6.8). The 
ce.lculations take no account of the possible amine-ox:i.me hydrogen bonding 
in the ex,- and ~-aminoketoximes. 
150. 
Enthalpy Changes 
Nitrogen- o.nd carbon-substituted ethylenediamines generally 
show an enthalpy change for the first stepv1ise protone.tion (Mr1) 
which is more exotherrnic than that for the second stepwise protonaton. 
?9, 199 This trend can be predicted from a consideration of the 
+ 
electrostatics of protonation; the electron withdrawing NH2 group 
lowers the be.sicity of the second amino group and hence the exo-
thermic contribution to 6H2 • 
By use of the empirical formulae of Paoletti197 the first 
ar1d second enthalpy changes for the step-wise protonation of the amino 
groups in the diamine (cn3cn2cn2c(cH3)2TIJIICH2-) 2 (the ligand H2dddo 
without the oxime substituents)have been calculated as -51.6 and 
-1 . 184 -1 
-4·?.5 l{:J mol respect~vely. rrhe difference of 7 - 16 kJ mol 
between these values and those for the protonation of the diamine 
H2dddo give an estimate of the base weakening effect of the oxime 
groups. 
18Lt Hedwig ' has suggested the possibility of intramolecular 
hydrogen bonding between the oxime proton and the lone pair of 
electrons on the amino nitrogen as contributing to the lowered 
(exothermic) enthalpy of protone.tion. Breaking of the hydrogen bond 
in the protone:l:;ion step would decrease log k. and make an endothermic 
~ 
contribution to 6Hi. In the ligand dddm hydrogen bonding of this type 
could not occur. However the observed trend in log k. and -MI. values 
~ J_ 
(dddm < Hddmo < H2dclclo) is opposite to that expected if N:---H-0-N= 
b.ydrogen bonding were important. It is therefore deduced that this 
form of hydrogen bonding does not contribute to the observed basicity. 
The factor which makes the greatest contribution to ·i:;he observed 
entropy change for a reaction is the change in solvation of the reactants 
and products; for the reaction IJ + H+ ~ LII+ the entropy change is 
+ dependent on the solvent ordering abilities of the species IJ, H and 
IJ-I+. Ji'or protonation of the diamine dioxime ligands H2dddo, Hddmo 
and dddm the entropy change is contributed to by the liberation of 
solvent molecules from II+ and by the solvent ordering ability of the 
protonated ligand. The protonated ligands each contain bulky 
hydrophobic groups which, to some extent, will shield the amino 
groups from the solvent and as a result the entropy change for 
protonation is expected to be positive. Configurational entropy 
changes are difficult to assess. Generally a "chain stiffening 
effect" (caused by the attraction of the high dielectric solvent 
I • 11+1 
. molecules to pro"tonated annne centre ) can be expected on protona-
151. 
tion. This would make a negative contribution to the entropy change. 
The L\81 values observed for the ligands H2dddo, IIddmo and dddm are 
all gree.ter than those usually observed for the protonation of a 
-1 -1 200 
secondary amino nitrogen (~. 1~3 ,J mol K ) implying that there 
is less solvent ordering about these ammonium ions. ':ehe trend in 
the .681 values (H2dclclo < Hddmo < dddm) suggests that changi:ng from an 
oxime to an 0-methyloxime group further reduces the extent of solvent 
or intramolecular) ordering about the amino groups. The associated 
trend in the -L\H. values (H2dddo '> Hddmo :> dddm) suggests that some J. -
specific solvation effect is operating. These data are consistent 
with a postulate of intramolecular hydrogen bonding of the form 
+ !I 
N-H---N-OH in the protonated ligands, with a six-membered ring being 
formed. By this means the group H could exert an effect on the solvent 
ordering about the anu11onium ion. The trend in L\H1 and 6H2 values 
(most exothermic for H2dddo) could imply that the intramolecular 
hydrogen bonding is strongest VThen R:=H. This is consistent with the 
fact that hydroxylamine is more basic than methoxyamine. 
152. 
'.rhe order 6s1 > /l.s2 is consistent with that observed for other 
. -1 -1 diamines (e.g. 6S 1 - 6S2 ::: lt6 J mol K for N, N 1 -diethylethylene-
diamine). 'J:his difference in 6S. values can be rationalized in terms 
~ 
of electrostatic theory. For an ion VJith two charged centres sufficiently 
0 
far apart (> ca. 10 fl.) the solvent ordering ability of the ion is 
. -
1Lt1 
approximately h1ice that of each charged centre. When the two 
charged centres coincide then the volume of solvent influenced by 
the doubly chare;ed centre will be 2. 8 times as great as tha.t for a 
1'1·1 
sine;ly charged centre. The solvent ordering about two charged 
0 • 
centres less than 10 A apart vnll be greater than two times that for 
a sine;ly chare;ed centre. till2 is therefore expected to be less than 
PRO'J:ONA'riON OF' 'J!HE ':eRIDJ':NTATE DIA!1IN1': LIGfi.!IIDS· 
6.3.1 He suUs 
Protonation constants for the secondary a.nd tertiary amino 
groups of the ligands Hdno and dnm were determined by titration of 
NaOH (ca. 0.3J.1) into solutions of the appropriate ligand dihydro-
perchlorate (rv1 x 10-31'I) and NaCl (I ::: 0.10N) at 25°C. In order to 
conserve ligand, the lie;ancl salt v1as weighed just prior to the 
measurement of pH-volu.me data and dissolved in 50 ntl of CO,-:free 
c 
distilled water. The appropriate weight of NaCl was added to the 
solution. Data from the pH-volume titrations for the ligands Hdno 
and dnm are tabulated in tables 6.9 and 6.10 respectively. The 
protonation of the amino nitrogens could be represented by the stepwise 
equilibria I a.nd II where L represents Hdno or dnm. The concentration 
quotients for these equilibria are given by equations 6.2 and 6.3 and 
k1 and k2 were computed from the derived 1\1( obs) - pH data as detailed 
in section L~.1.1. The i\r(obs) -pH data are shovm in fig 6.2 for 
Hdno and dnm. The derived amino protonation constants for both Hdno 
and dnm, as given in table 6.11, were determined for 3 titrations each 
153. 
TABLE 6.9 
Representative Data for the Titration of NaOH Against Solutions 
0 
of Hdno,2HClo4 at 25 C, I= 0.10N NaCl 
Initial Composition: T1 = 1.213 x 10-
3H 
TH ::: 2.426 x 10-3H 
Vola £[H+]b Vola p[H+]b Vola p[H+]b Vola p[H+]_b 
0.035 5.405 0.120 6.189 0.265 8.669 0.350 9.392 
o.04o 5.468 0.125 6.228 0.270 8.731 0.355 9.423 
0.050 5.586 0.130 6.271 0.275 8.787 0.360 9.456 
0.055 5.641 0.135 6.311 0.285 8.892 0.365 9.490 
o.o6o 5.688 0.140 6.352 0.290 8.937 0.370 9.527 
0.065 5.739 0.145 6.394 0.295 8.978 0.375 9.565 
0.070 5.783 0.150 6.436 0.300 9.018 0.380 9.601 
0.075 5.827 0.155 6.482 0.305 9.059 0.385 9.637 
0.085 5.912 0.160 6.528 0.310 9.095 0.390 9.671 
0.090 5.952 0.165 6.579 0.315 9.134 0.395 9.708 
0.095 5.990 0.170 6.633 0.320 9.173 o.4oo 9.740 
0.100 6.030 0.175 6.689 0.325 9.213 
0.105 6.069 0.18o 6.752 0.330 9.251 
0.110 6.109 0.185 6.819 0.335 9.291 
0.115 6.150 0.190 6.889 0.345 9.357 
~olume (ml) of o.2702M NaOH added to 49.93 ml of solution 
bp[H+] derived from pH as detailed in section 3.1.3 m . 
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TABLE 6.10 
Representative Data for the Titration of NaOH Against Solutions 
0 
of dnm,2HClo4 at 25 C, I ~ 0.10M NaCl 
Initial Composition: -3 T1 ~ 1.102 x 10 H 
. -3 TH ~ 2.204 x 10 M 
Vola p[H+]b Vola p[H+]b Vola p[H+] Vola p[H+]b 
0.020 5.054 0.085 5.857 0.160 6.667 0.295 9.260 
0.025 5.152 0.090 5.907 0.170 6.850 0.300 9.300 
0.030 5.237 0.095 5.950 0.230 8.606 0.305 9.342 
0.035 5.313 0.100 5.991+ 0.240 8.733 0.310 9.383 
o.04o 5.380 0.110 6.086 0.245 8.793 0.315 9.424 
o.045 5.446 0.115 6.133 0.250 8.846 0.320 9.467 
0.050 5.504 0.120 6.183 0.255 8.897 0.325 9.510 
0.055 5.560 0.125 6.231 0.265 8.993 0.330 9.555 
o.o6o 5.613 0.130 6.286 0.270 9.039 0.335 9.595 
0.065 5.665 0.135 6.339 0.275 9.085 
0.070 5.713 0.140 6.395 0.28o 9.129 
0.075 5.762 0.145 6.456 0.285 9.173 
o.o8o 5.8o9 0.150 6.521 0.290 9.215 
Ryolume (ml) of o.2857M NaOH added to 49.93 ml of solution 
bp[H+] derived from pHm as detailed in section 3.1.3 
155. 
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TABLE 6.11 
Equilibrium Data for the Amino Protonation Reactions 
of the Diamine Oxime Ligands, 25°C 
Diamine 
Hdnoa 
duma 
N,N-dimethylethylenediamineb 
9.36 .:t 0.,02 
9.23 .:t 0.,03 
9.69 
log~ 
6.13 .:t o.o1 
5.95 .:t 0 .. 01 
6.69 
aThis work; mean .:t standard deviation for 3 titrations, I == 0.,10M NaCl 
bData from ref. 202 
of ca. 40 da·ca points in the rane;e 1\r 0.30 - 1. So. R factors (see 
section 4.6.1) of ca. 0.35?6 were achieved and there were no system·-
atic trends in the residual terms ~1(obs) - ~1(calc)" 
Discussion 
In molecules containine; two (or more) non-equivalent amino 
e;roups MI and IJ.S values for the stepwise protonation reactions 
157. 
establish that each step involves partial protonation on each type of 
't t 201 n1 regen cen re. 'I'herefore it is not possible to directly compare 
log k1 and log k2 values for Hdno and dnm with related ligands such 
as N ,N-dimethylethylenediamine (table 6.11) hov1ever values of l: log k. 
1 
(the overall basicity of the ligand) may be directly compared. Com-
parison with a model compound N,N-dimethylethylenediamine shows there 
is a base weakening effect in Hdno and dnm associated v1ith ( 1) the c-6 
alkyl substituent attached to one of the amino nitrogen.s, and (2) the 
electron VTithdrawing properties of the oxime or 0-methyloxirne group. 
'.[lhe effect of the C-6 allwl substituent is hard to predict but by 
reference to the N,N 1-dialkyl substituted ethylenediamines (see section 
6.2.2) the alk.yl group will have a base weakening effect of <0.3 in 
Z log k. • The base weakening effect of the ~-ketoxime group can be 
1 
ascerhdned as ca. 0.9 and 1.2 log units for the ~-ketoxime and 
~-ket-0-mothyloxime subst:Ltuents respectively by comparing the ligands 
Hdno nnd dnm with N, N-climethylethylenediamine. 202 \iilhen the ligands 
II d "d , "d l d . tl '·1 1 d . . 202 tb b d b · 2 .o. o, anc.1 Ct c.m are compare w1 _1 e·..,J.y. ene .J.annne .. e o serve . ase 
weakening effects of a ~-ketoxime and a ~-ket-0-methyloxime group are 
0.8 and 0.9 respectively. (Note that these values tal~e no account 
o:f ionic strength effects. The ionic strength reported for the 
ethylenediamine and N,N-dimethylethylenediamine data is I :::: 0.5IV! KNO-;-:• 
:J 
'l1his work reports data at I = 0.11'1 NaCl). Hdno is a stronger base than 
dnm (/J.(.6log ki) = 0.31 + 0 .07). In the ligands H2dddo, Hddmo and dddm 
a similar observation VIas interpreted, on the basis of 6H and 6S 
+ II 
data., in terms of hydrogen bonding of the type N-II---N-OH (.see 
section 6.2.2). 
6.ll. Pl?.OTONATION OF 'l'HE OXH1E NITRCXlEN 
An attempt to determine log k for protonation of the oxime 
nitrogen, i.e. 
II 
NOR k 
II 
H - N - OR 
+ 
158. 
by p.m.r. spectroscopy was u.nsuccessful because of the acid catalysed 
~-~ isomerization of the oxime group which occurs when the oxime 
nitrogen is protonated (see section 5.2.2). Determination of this 
constant by ultraviolet spectroscopy is hampered by the acid 
. ~~ 
cataJ.ysed hydrolysis of the oxJ.me group, and of the [3-aminoketoxime 
18l~ group forminr; as products the parent ketone and mesityJ. oxide 
respectively; the latter product absorbs strongly in the ultraviolet.203 
An indication of the relative basicities of the oxime and 0-methylox:Lme 
groups can hovJever be obtained from the reaction of the ligands Hdno 
and dnm with copper(II) ions (see Chapter 7). 
159. 
CHAPTER '? 
To assess the different co-ordinating powers of the oxime 
and o-methyloxime functional groups,the stability constants for the 
formation of copper(II) complexes with the tridentate ligands Hdno and 
dnm have been determined at 25.0°0 and I = 0.10M NaCl. The complexes 
[Cu(Hdno)J2+, [Cu(dno)J\ [Cu(dnm)J2+ and [Cu(dnm)(OH)]+ have been 
characterized in solution and their visible and ultraviolet absorp-
tion spectra are reported. 
7.1 RESULTS 
The copper(II) complexes of Hdno and dnm were studied by 
titration of NaOH (~. 0.3M) into solutions of ligand dihydroperchlorate 
-3 -L~ o ("'1 x 10 H), CuC12 (?- 9 x 10 H) and NaCl (I= 0.10M) at 25.0 C. 
Typical pH-volume data from the titrations are given in tables ?.1 
and 7.2 for the ligands Hdno and dnm respectively. Only one set of 
reproducible data is tabulated. The data given in tables ?.1 and 
7.2 are shovm graphically in fig 7.1. 
Titration of NaOH against solutions containing copper(II) 
ion and Hdno,2HClo4 gave two buffer regions, at pH 3.4 - 4.3 and 
pH 5.3 - 6.3, followed by marked inflexions (end points) at pH 4.4 -
5.2 and at pH 6.5- 9.1 respectively (see fig ?.1). The first end 
point titre corresponded to the completion of the reaction 
The second end point corresponded to the removal of one proton from 
the complex to give Cu(dno)+ (plus the reaction Hdno 92H+ + 01r ~ 
Hdno,H+ +H2o for excess ligand present). Electronic absorption 
160. 
TABLE 7.1 
Representative Data for the Titration of NaOH Against Solutions 
of Hdno,2HClo4 and Copper Dichloride at 25°C, I ~ 0.10M NaCl 
Initial Composition: -3 T1 ~ 1,101 x 10 M 
-4 TM = 8.987 x 10 M 
Vola p[H+]b Vola ;e[H+]b Vola p[H+]b Vola p[H+]b 
0.010 3.371 0.130 3.688 0.250 4.132 0.420 5.767 
0.020 3.398 0.140 3.717 0.260 4.174 0.430 5.854 
0.030 3.423 0.150 3.746 0.270 4.233 o.44o 5.940 
o.04o 3.449 0.160 3.774 0.280 4.301 o.45o 6.027 
0.050 3.474 0.170 3.8o6 0.290 4.380 0.460 6.121 
o.o6o 3.497 0.18o 3.840 0.300 4.461 0.470 6.229 
0.070 3.525 0.190 3.874 0.360 5.221 o.48o 6.358 
o.o8o 3.552 0.200 3.908 . 0.370 5.330 o.49o 6.514 
0.090 3.581 0,210 3.91~4 0.380 5.432 0.500 6.703 
0.100 3.605 0.220 3.984 0.390 5.524 0.510 6.973 
0.110 3.630 0.230 4.028 o.4oo 5.606 
0.120 3.660 0.240 4.075 0.410 5.685 
~olume (llll) of 0.2702H NaOH added to 49.93 ml of solution 
bp[H+] derived from pHm as outlined in section 3.1.3 
161. 
TABLE 7.2 
Representative Data for the Titration of NaOH Against Solutions of 
dnm,2HC1o4 and Copper Dichloride at 25°C, I = 0.10M NaCl. 
Ini·l:;ial Composition: ... 3 TL = 1.024 x 10 M 
TM = 9.381 X 10-4M 
Vola [H+]b P..h!L.:! Vola p[H+]b Vola 
0.050 lJ.,.32L~ 0.170 4.805 0.290 
o.o6o 4.365 0.180 4.844 0.370 
0.070 Lf..416 0.190 4.885 0 .. 380 
o.o8o lr.458 0.200 4.927 0.390 
. 0.090 4.500 0.210 '+.970 o.L.oo 
0 .. 100 4.539 0.200 5.018 0.410 
0.110 1+.577 0.230 5.068 0.420 
0 .. 120 Lr.615 0.240 5.122 0.430 
0.130 4.652 0.250 5.1'79 0.440 
0.140 4.690 o.26o 5.2lJ.5 0.450 
0.150 lr. 727 0.2'70 5.312 0.460 
0.160 !1-.'765 0.280 5.3911- 0.470 
~olume (ml) of 0.2915M NaOH added to 49.93 ml of solution 
bp[I-r+J derived from pH as outlined in section 3.1.3 
m 
[H+]b ~-
5.491 
'7 .lr83 
7.651 
7.797 
7.920 
8.033 
8.138 
8.2lt5 
8.339 
8.~·35 
8.533 
8.633 
pH 
Fig. 7 .. 1 
pH vs Volume for the Formation of Copper(II) Complexes of the Tridentate Li ds 
9 
8 
7 
6 
_4 -h 
+ dnm; TL == 1 .. 024x10 -"£.1, T~" == 9 .. 381x10 ·:rvr 
l'-l 
8 -4 ~ = 2.04 x10 -"H, [NaOH] = 0.,2915H 
-oo ·06 ·12 ·18 ·30 ·36 
Vol (ml) NaOH 
·42 ·48 
o Hdno T = 1.101x10-3H L 
·54 
TH = 8.987x10-4H 
TH = 2.202x10-3M 
[NaOH] = 0 .. 2702M 
spectra run on test samples throughout a titration confirmed that 
only one complex species was formed in each of the two buffer 
regions.. The appearance of a third absorption band at 416 nm 
(E 205 1 mol-1 cm-1) during the second buffer region suggested that 
oxime deprotonation was occurring, al'though this band is of compa.ra-
tively low intensity. (Cu(Hdddo)+ shows absorptions at 583, 330 
-1 -1 165 (8 2800 1 mol em ) and 272 nm; the absorption at 330 nm 
is diagnostic of an oximato group). Spectrophotometric data for 
the complexes Cu(Hdno)2+ and Cu(dno)+ are given in table 7.3. On 
the basis of the titration and spectrophotometric data the system 
could best be represented by the following equilibria: 
2+ Cu + Hdno 
and 
Cu(Hdno)2+ 
2+ Cu(Hdno) 
+ + Cu(dno) + H 
and the equilibrium constants: 
K1 = [Cu(Hdno)J. [Cu] [Hdno] 
[Cu(dno)][H] 
[Cu(Hdno)] 
where charges have been omitted for clarity. Values of K1 and KD 
were calculated for each data point in the first and second buffer 
regions respectively by the method outlined in section L}.1.2. 'rhe 
derived equilibrium constant va.lues showed no systematic trends. 
The values of log K1 and log I<D (j: standard deviation) given in 
table 7.4 were calculated from three titrations each of ca. 25 data 
points. 
TABLE 7.3 
Spectrophotometric Data for the Copper(II) Complexes of 
Hdno and dnm in Aqueous Solution (I ::::: 0.,10M NaCl) 
(nm) 
Cu(Hdno) 2+ 612(121) 
Cu(dno)+ 568(129) 
Cu(dnm) 2+ 619(144) 
Cu(dnm)(OH)+ 606(90) 
a Shoulder 
"-max (€) 
-1 -1 (l mol em ) 
274(5620) 
416(tv205)a 247(5360) 
286(5180) 
271(6020) 
Equilibrium Data for the Complexing of the Ligands Hdno, dnm and 
N,N-dimethylethylenediamine with copper(II) ions at 25°C 
164. 
Ligand Hdno dnm N,N-dimethylethylenediamine 
log K1 11.29 ::t 0.05 8.85 ::t 0.,05 9.27 
log KOH 5.57 ::t 0.11 
log~ -5.93 ::t 0.11 
s~his work; mean ,:t standard deviation for 3 titrations, I ::::: 0,.10H Na.Cl 
b Data from ref. 204; I ::::: 0.,5M KN03 
Titrations of NaOH against solutions containing CuC12 and 
dnm,2HC1o4 gave buffer regions at pH 4.3 - 5.5 (with an end point 
at pH 5.9 - 6.9) and at pH 7.6 - 9.2 (followed by a second, less 
well-defined, inflexion at pH 9.2). ~rhe titre for the first end 
point corresponded to the completion of the reaction 
(plus dnm,2H+ + mr -)> dnm,H+ + H20 for excess ligand present). 
The second buffer region was interpreted in terms of the forn~tion 
of an hydroxy species Cu(dnm)(OH)+ and the data for the two buffer 
regions were analysed in terms of the equilibria 
and 
2+ -Cu(dnm) + OH 
2+ Cu(dnm) 
KOH , 
- Cu(dnm)(OH)+ 
and the equilibrium constants 
[Cu] [dnm] 
and 
KOH = [C'!S dnm) ( OH) J 7.4 
[Cu(dnm)][OH] 
where charges have been omitted for clarity. Values of K1 and K0H were 
calculated independently for each data point in the first and second 
buffer ~egions respectively by the method outlined in section 4.1.2. 
The derived equilibrium constants (log K) had a standard deviation of 
less than 0.05 and thus equations 7.3 and 7 •'+ adequately explained the 
experimental data. Log K1 and log KOH values (,:t standard deviation) 
derived from data for 3 titrations are given in table 7 .1+. 
166. 
Electronic absorption spectra recorded throughout a titration 
confirmed the formation of a single complex in each buffer region. 
2+ + Spectrophotometric data forthecomplexes Cu(dnm) and Cu(dnm)(OH) 
are recorded in table 7.3. 
7.2 DISCUSSION 
7.2 .1 
~~=--=~..!r_:.C~o~n,:::s~~t:::a~n~t:.:'.s The results show that the complex 
Cu(Hdno)2+ is significantly more stable than the complex Cu(dnm)2+, 
~(log K1) = 2.4 ± 0.1, indicating that the C=NOH group is a better 
donor than C=NOMe. In section 6.1.2 the greater basicity of hydroxyl-
amine, compared to methoxyamine, was attributed to the importance of 
structures such as M12-o-H+ contributing to the basicity of the amine 
group. Assuming a linear relationship between log K1 and the overall 
basicity of the donor atoms in the complex (.Zlog k.) 98 then the results 
l. 
show that the group C=NOH is more basic than the C:::NOCH3 group. This 
suggests the importance of structures such as C:::NO-H+ contributing to 
the basicity of the oxime group. This postulate is supported by the 
fact that the oxime hydroxyl proton is weakly acidic (pKa for 
165 H2dddo = 12.3). 
A method for comparing the donor properties of the oxime and 
the 0-methyloxime groups is by consideration of the equilibrium 
K' 
and equilibrium constant 
K, = [Cu2+J [L ,2H+] 
[Cu(L)2+J[H+J2 
2+ 
Cu(aq) + L,2H+ 
which takes into account the different (amino) basicities of the two 
ligands. I The log K values for the copper(II) complexes of dnm and 
Hdno are 6.3 .±. 0.1 and 4.20 .±. 0.07 respectively, the latter giving 
the more stable copper complex. The difference in the log K1 values 
(2.1 .±. 0.2) suggests that the C=NOH group is a better donor to 
copper(II) than the C=NOCH3 group. 
By comparing the log K' values for the copper(II) complexes 
of Hdno and dnm with that for [Cu(N,N-dimethylethylenediamine)J2+ 
(table 7.4) the effect of an added ~-ketoxime chelate ring on the 
stability of a. 1,2-diamine can be assessed. The log K1 value for 
[Cu(N,N-dimethylethylenediamine)J2+ is 7.1204 and it is therefore 
inferred that the ~-ketoxime substituent contributes 2.9 log units 
to the stability of the Cu(Hdno)2+ complex while the contribution by 
the ~-ket-0-methyloxime substituent in Cu(dnm)2+ is only 0.8 log units. 
These contributions arise from (1) the extra bonding associated with 
the oxime donor, and (2) the formation of a second chelate ring. The 
I 
use of log K values takes into account the reduced basicity of the 
amino groups on changing from a primary amine in N9N-dimethylethylene-
diamine to a. secondary amino group in the ligands Hdno and dnm. 
Absorption Spectra The visible absorption spectra of the 
2+ 2+ . 
complexes Cu(Hdno) and Cu(dnm) show that the ox~me group produces 
a slightly stronger ligand field than does the o-methyloxime group. 
This is consistent with the stability constant data. Spectrophoto-
metric data have been reported205 for the complexes NiL6c12 where 
1 = M120H and NH2ocn3 • These data show NH2ocn3 to be a slightly 
weaker donor than NH20H. 
The triamine complexes [Cu(3-azaheptan-1,7-diamine)] 2+ and 
[Cu(4-azaheptan-1 9 7-diamine)J 2+ have d-d transitions at 613 nm206 
207 
and 611 nm 
complexes are 
respectively. The stability 
206 208 log K1 = 13.4 and 14.2 
constants for these two 
respectively. The 
oxime and 0-methyloxime groups both generate a ligand field strength 
similar to that of an amino group. 'rhe addition of an alkyl-oxime, 
168. 
alkyl-O-methyloxime or alkyl-amine group to a diamine ligand co-ordinated 
to copper(II) increases the ligand field strength substantially 
2+ 204 (c.f. [Cu(N,N-dimethylethylenediamine)] A 700 nm ) although 
max 
the oxime ligands both form complexes which are much less stable than 
the triamine complexes. Thermodynamic data for the co-ordination of 
the diamine dioxime H2dddo
184 (and for Hddmo (see chapter 8)) to 
copper(II) ions shows that the entropy change on co-ordination is 
similar to that for the analogous tetramine209 (N80 J mol-1 K-1) but 
that the enthalpy change is markedly less exothermic ( -Lm = 55 kJ mol-1 
2+ -1 for the formation of Cu(H2dddo) c.f. 104 kJ mol for the analogous 
tetramine complex). It is inferred that the lower stability of the 
oxime complexes relates n~inly to the strength of the metal-ligand 
·bond. The approximately equal ligand field strengths for Hdno, 
dnm and the triamines may indicate that the weaker bonding in the 
oxime complexes involves 7C back co-ordination from the metal to the 
·ligand, thus increasing the ligand field splitting parameter!':,. This 
increase in /':, with '!C-back bonding is clearly illustrated by the 
diagrams of Cotton and Wilkinson. 210 
The ultraviolet absorptions at 274 and 286 nm :for Cu(Hdno)2+ 
2+ 
and Cu(dnm) respectively are assigned to 10 ~ M charge transfer 
transitions. A similar charge transfer transition is observed in 
211 
many copper(II) polyamine and poly-(amine-imine) complexes.· 
7.2.2 ~Complex Cu(dno)~ 
Metal ion co-ordination to an oxime group increases the acidity 
of that group, just 
10l~ . 88 
water, am~nes 9 
oxime H2dddo a value 
deprotonation of the 
as co-ordination enhances proton dissociation from 
and hydroxylamine. 106 For deprotonation of the 
of log kD = -12.3 has been determined. 165 For 
co-ordinated oxime group in Cu(Hdno)2+ log KD = 
-5.93; an increase in acidity of oa. 6.4 log units. For the complex 
Cu(H2dddo)
2
+ deprotonation may be accompanied by intramolecular oxime-
oximato hydrogen bonding, and log~ is increased further to -3.24. 165 
The formation constant for Cu(dno)+ can be determined by 
assuming a value of log ~ :::: -12.3 for the reaction 
- + Hdno ~ dno + H • The formation constant log K* (cu2+ + dno-~ 
+ . . 2+ Cu(dno) ) = -log 1~ + log ~ + log K1 (Cu(Hdno) ) = 12.3 - 5.9 + 11.3 :::: 
17.7. The sequence of donor strengths inferred from the stability 
+ 2+ 2+ . 
constant values (log K) for Cu(dno) , Cu(Hdno) and Cu(dnm) ~s 
oximato ( 17. 7) >>oxime ( 11 .. 3) > 0-methyloxime ( 8.8) • Deprotonation 
of the oxime enhances the stability of its copper(II) complex by 
ca. 6.4 log units. 
The absorption spectrum of Cu(dno)+ reflects the increased 
donor strength of the oximato group compared vdth that of the oxime 
2+ group. The d-d absorption band is shifted from 612 nm for Cu(Hdno) 
to 568 nm for Cu(dno)+ (see table 7.3). The band in the ultraviolet 
at 211-7 nm is assigned to a 1 0 ~ N charge transfer transition. A third 
absorption band occurs in the visible a.t 416 nm forGu(dno)+. A 
similar band for the complex Cu(Hdddo)+ (A. = 330 nm, 8 = 2800 1 mol-\m-1) 
max 
165 has been assigned to a charge transfer transition between the oximato 
group and the metal ion. The band occurring in Cu(dno)+ has a much lower 
intensity (8 = 205 1 mol-1 cm-1) but it also is considered to be 
diagnostic of an oximato group. 
The log KOH value observed for the formation of Cu(dnm)(OJ:I)+ 
is in the range observed for aqua deprotonation from a variety of 
copper(II) triamine complexes with combinations of 5,6 and ?-membered 
chelate rings206 , 207 , 212 ,213 (see table 7.5). The hydroxy complex is 
assumed to be of the form 
170. 
TABLE 7.5 
Equilibrium Constants for the Formation of some triamine Copper(II) 
Hydroxo Complexes at 25°C 
Triamine (L) Chelate Ring Sizes log KOH 
3-azapentane-1,5-diamine a 5,5 4.50 
3-azahexane-1,6-diamineb 5,6 4 .. 72 
3-azaheptene-1,7-diamine c 5,7 4.42 
4-azaheptane-1,7-diamine d 6,6 4.1 
4-azaoctane-1,8-diamine a 6,7 4.48 
~ata from ref. 212; I :::: o. 1f.1 KCl 
b from ref. 213; I 0.5JI.1 KN07-Data :::: 
:J 
c from ref. 206; I 0.1M NaCl Data ::: 
~at a from ref. 204; I :::: 0.1H KCl 
+ 
In contrast to Cu(dnm)2~ the oximato complex Cu(dno)+ does not 
undergo (aqua) proton dissociation up to pH c 10.4, as determined 
from spectrophotometric and potentiometric measurements. This may 
reflect the strong donor properties of the oximato group which would 
171. 
reduce the positive charge on the metal centre and hence decrease its 
polarizing power on co-ordinated water molecules. 
CHAPTEH 8 
COMPLEXES OF THE DIMUNE DIOXH'IE LIGANDS 
The ligands H2dddo, Hddmo and dddm were studied in their 
reactions with the divalent me·tal ions of Fe, Co, Ni, Cu and Zn. 
172. 
Log K (potentiometric), 6H (calorimetric) and 6.S for the formation of 
the copper(II) complexes of these ligands, and for the deprotonation 
0 
reactions of these complexes were determined e.t 25 C and I :::: 0.10H NaCl 
(section 8.1). The objective vms to assess the contributions of hydrogen 
bonding and oxime deprotonation to the stability of oxime complexes. 
Log K values were obtained for the complexes of H2dddo with 
iron(II), nickel(II) and zinc(II),and they are compared with that for 
·the cobalt( II) complex (as determined by Kee and Pmve11214·)· and with 
181+ the results which Hedwig and Powell obte.ined for the copper(II) 
complexes (section 8.2). 'llb.e formation constants for the cobalt( II), 
nickel( II) and zinc (II) complexes of Hddmo Vlere determined (section 8. 3), 
and the formation of complexes of dddm with nickel( II) and zinc( II) was 
studied (section 8.L~). 
Spectrophotometric (visible and ultraviolet) data are reported 
for the copper(II) and nickel(II) complexes of the tetradentate ligands 
and infrared data are reported for the complexes Ni(Hdddo)(ClOL) and 
I 
Zn(Hdddo)(Clo4). 
8.1.1 Results 
The copper(II) complexes of Hddmo were studied by titration 
of NaOH (0.1?811) into solutions of copper dichloride and ligand dihydro-
perchlorate, at 25°C and I ::::: 0.,10r1, with metal to ligand ratios of 1 : 1 
and 1 : 1. 5. For the 1 : 1 metal to lig<'md titrations, solution composi-
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~ ~ ~ tions were CuC12 (N'i X 10 H), Hddmo,2HC10l~ ("'1 X 10 H), HCl (,v6 X 10 H) 
and NaCl (I= 0.1011). F'or the 1 : 1.5 metal to ligand titrations 
-typical conditions were cuc12 ("'5 x 10-\1), Hddmo,2HC101+ (.v7.5 x 10-L~M), 
HCl (N5 x 10-l~M) and NaCl (I = 0,.10H). pH-volume data from representa-
t:Lve titrations at metal to ligand ratios of 1 : 1 and 1 : 1.5 are 
given in tables 8.1 and 8.2 respectively. 'rhe data for one titration 
are shown graphically in fig. 8.1. 
~rhe formation of the copper( II) complex of dddm was studied by 
titration of NaOH (0.163Iv1) against solutions of copper dichloride 
(0.97 x 10-31'1:), dddm,2HClo4 (1.0 x 10-3Iv1), HCl (1 x 10-3M) and NaCl 
(I :::: 0.10IVi) a.t 25°C. Typical pH-volume data are given in table 8.3 
and fig. 8.1. In the alkaline (pH> 8) region of the titration curve 
the solution pH was unstable. At a pH of 9.6 the solution pH decreased 
at a rate of 9!!:• 0.01 pH/minute. This appeared to result from decomposi-
tion of the complex to give Cu(OH) 2 • Data obtained above pH 8 were not 
used in subsequent analyses. 
Calo:dmetric Neasurements Calorimetric titrations on the copper(II)-
Hddmo system were performed by titration of HCl (rv1H) against buffer 
solutions containing CuC12 (1.Lt. x 10-
3!'1), Hddmo,2HC10l~ (1.9 :x 10-\1), 
NaCl (I = 0.10H) and NaOH (such that the initial pH v1as 9!!:· 7. 9). As 
a check on ligand purity each titration involved ligand derived from a 
different synthesis. Q -volume data :from the calorimetric titrations 
m 
are given in table 8.l~ v1here Q is the measured heat change corrected 
m 
for the heat of dilution of HC1. 
J?or the copper(II)-dddm system calorimetric data were obtained 
from the titration of HCl (N1H) a.gainst solutions of dddm,2HCl01, 
"( 
-3 -3 ) (3.1 x 10 M), CuC12 (3.0 x 10 H), NaCl (I :::: 0.10M and NaOH (such 
that the initial pH was c3:. 6). Q -volume data from the calorimetric 
m 
titrations are presented in table 8.5. 
174. 
TABLE 8.1 
Representative Data from the Titration of NaOH Against Solutions of 
Hddmo,2HClo4 and Copper Dichloride at 25°C, I = 0.,1011 NaCl 
(Metal:Ligand = 1:1) 
Initial Compositio~: TL = 1.049 x 10-3M 
-IJ. TM = 9.694 x 10 M 
-3 TH = 3.777 x 10 M 
Vola R_[H+]b Vola p[H+]b Vola [H+]b Eh;_ 
0 .. 030 3.035 0.280 3.399 0.560 4.091 
o.o4o 3 .. 047 0 .. 300 3.433 0.580 4.191 
o.o6o 3.073 0 .. 320 3.469 o .. 6oo 1+.315 
o.oso 3.099 0.340 3.507 0.820 6.529 
0.100 3.125 0.360 3.9~4 o.84o 6.790 
0.,120 3.153 0.380 3.584 o.86o 7.009 
0.11+0 3 .. 180 0.400 3 .. 625 o.88o 7.115 
0.160 3.208 0.1+20 3.668 0 .. 900 7.322 
0.180 3.239 o .. 44o 3.713 0.920 7.541 
0.200 3.269 0.480 3.814 0.940 7.793 
0.220 3.302 0.500 3.871 0.960 8.130 
o.2L}O 3.33L~ 0.520 3.935 
0.,260 3.36Lr 0.51~0 4.oo8 
~olume (ml) of 0.17791-I NaOH added to 49.93 ml of solution 
bp[H+] derived from pHm as outlined in section 3.1.3 
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TABLE 8.2 
Representative Data from the Titration of NaOH Against Solutions of 
Hddmo,2HC1o4 and Copper Dichloride at 25°C, I = 0.,10M NaCl 
(Metal:J ... igand = 1: 1.5) 
Initial Composition: -4 TL = 7 .. 521 x 10 H 
-4 TtiJ: = 4 .. 877 X 10 H 
-3 TH = 2.,758 x 10 M 
Vola p[H+]b Vola p[H+]b Vola [H+]b E!:E.__ 
0.03 3.162 0.18 3.470 0.35 4.034 
0.04 3.178 0.19 3 .. 496 0 .. 51 6.474 
0,05 3.196 0 .. 20 3 .. 523 0.52 6.619 
0.,06 3.214 0.22 3 .. 577 0 .. 53 6.754 
o.o8 3.251 0.,24 3 .. 632 0 .. 54 6 .. 886 
0 .. 10 3.281 0 .. 25 3.662 0.55 7 .. 016 
0 .. 11 :3.303 0 .. 26 3.692 0.56 7 .1l~5 
0 .. 12 3.332 0.27 3. 72l~ 0.57 7.278 
0 .. 13 3.354 0.,28 3.755 0.,58 7.l~15 
0.14 3.376 0,.30 3 .. 823 0 .. 59 7.566 
0.15 3.399 0.31 3.861 0,.60 7.743 
0.16 3.420 0.33 3.943 
0.,17 3.,4L~4 0.3'+ 3.987 
~olume (ml) of 0.1779H NaOH added to '+9.93 ml of solution 
bp[H+] derived from pH as in section 3.1.3 
- m 
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TABLE 8.3 
Representative Data from the Titration of NaOH Against Solutions of 
dddm,2HC10lf and Copper Dichloride at 25°C, I = 0.,10H NaCl 
Initial Composition: 4 -3 T1 = 1.03 x 10 M 
6 -4 TM = 9 .. 94 x 10 M 
TH = 2.51~1 x 10-3t1 
Vola [H+]b R__. Vola p[H+]b Vola [H+]b _P __ 
0,.22 4.344 0.37 lt-.694 0 .. 55 5.110 
0.,23 4 .. 373 0.,.38 4 .. 714 0.56 5.139 
0.,24 L~.401 0 .. 39 4.736 0 .. 57 5 .. 169 
0.25 Lt-.,427 o.4o 4 .. 756 0.58 5.201 
0.,26 4.451 o.42 4 .. 799 0 .. 59 5.236 
0.27 Lt-.Lt-75 o.43 4.819 0.60 5.212 
0.,28 4.499 o.45 lt .. 863 0.61 5.309 
0.,30 4.544 0.,46 4.885 0.63 5 .. 391 
0 .. 31 4.566 o.47 4.908 0.64 5.438 
0.32 Lt-.588 o.LJ-8 1+.931 o.65 5 .. 488 
0 .. 33 4.610 0.,49 lt-.955 0 .. 66 5.5lt-4 
0.34 4 .. 631 0.,50 4 .. 979 o.67 5.60lt-
0 .. 35 4.653 0,.52 5.028 
0.36 4.673 0.53 5.054 
~olume (ml) of 0.,1632M NaOH added to 49.93 ml of solution 
F:!.g. 8.1 
pH vs Vo~ume for the Format:ion of Copper(II) Comp~exes of the Tetradentate Ligands 
9 
8 
7 
pH 
6 
5 
4 
o 1:1 Hddmo; 
+ 1:1.5 Hddmo; 
• dddm; 
·20 ·30 ·40 ·50 ·60 ·70 ·80 
[NaOH] = 0.1779M 
[NaOH] = 0.1779M 
[NaOH] = 0.1632M 
·90 Vol (ml) NaOH 
TABLE 8.4 
Representative Calor~T.etric Data for the Titrations of HCl Against Buffered Solutions of Hddmo, 
Copper Dichloride and NaOH, I = 0.10M NaCl 
Vola + p[H ] 104ll(Hddmo)b 1046 (Hddmo,H+) b 104ll(Hddmo,2H+) b 1046(Cu(Hddmo)2+)b 104ll(Cu(ddmo)+)b Qcorr 
c 
(ml) (mol) (mol) (mol) (mol) (mol) (J) 
o.o2d 7.830 
0 .. 18 6.762 -0.0321 -0 .. 2242 0.,2.544 1.2890 -1 .. 2890 3.8615 
0.34 6 .. 080 -0 .. 0022 -0 .. 4602 0 .. 4624 1.1050 -1.1050 4.3490 
~ 
0 .. 59 3.492 -0 .. 0002 -0.4705 1.0220 o.ooo6 -0.5517 4 .. 9466 
0.84 3.080 o .. oooo -0 .. 0012 0.9650 -0.9627 -0.0011 3.4821 
1 .. 09 2 .. 786 o.oooo -0 .. 0006 0.8162 -0 .. 8153 -0.,0003 2.5113 
o .. ooe 8.080 
0 .. 16 5 .. 808 -0.0204 -0.2976 0.3180 1.2310 -1.2310 4 .. 0745 
0.,19 4 .. 460 
0.44 3.126 o.oooo -0 .. 0058 0.8610 -0.8483 -0.0070 3 .. 0350 
->. 
-...J 
co 
. 
o .. oof 8 .. 170 
0 .. 19 4 .. 461 
0 .. 44 3 .. 127 
-0 .. 0237 -0 .. 2787 
o .. oooo 
TJffiLE 8.,4 Continued 
0 .. 3023 1.2400 -1.2410 
0 .. 8635 -0.8510 2 .. 7675 
aCumulative volume (ml) of 0 .. 984M HCl added at each titration point 
b Increase in the number of moles of the ligand and metal-ligand species between successive titration points 
c Measured exothermic heat change between successive titration points, corrected for heat of dilution of HCl 
d.ritration 1. Initial Volume (Vol o .. o) 99.41 ml, T_ 4 .. 447x10-3M, -3 -3 = = TH = 3.,216x10 1v1, TH = 2.533x10 M J., 
eTitration 2. Initial Volume (Vol o .. o) 99 .. 10 ml, -3 T11 = 1.455x10-3M, T - 9.324x10-4!1 = ~ = 1 .. 893x10 M, H-
fTitration 3 .. (Vol 8 -3 -3 8.703x10 ..b. Initial Volume = 0.,0) 99 .. 10 ml, T_ = 1., 72x10 M, TM = 1.455x10 H, TH = 'M L •• 
TABLE 8.5 
Representative Calorimetric Data from the Titrations of HCl against Buffered Solutions of 
dddm, Copper Dichloride and NaOH, I = 0 .. 101-1 NaCl 
Vola p[H+] 
----
1046 ( dddm,H+) b 104e(dddm,2H+)b 104e(Cu(dddm)2+)b Qcorr 
c 
(ml) (mol) (mol) (mol) (J) 
o.ood 8.801 
0.18 4 .. 949 -0 .. 0509 0.8950 -0 .. 8202 4 .. 8981 
0.,36 4.532 -0 .. 0125 0.8766 -0 .. 8698 4 .. 7730 
o.ooe 8 .. 779 
0.,18 4 .. 949 -0 .. 0519 0.8978 -0.8230 4.8673 
0.36 4 .. 533 -0 .. 0125 0.,8760 -0.8690 4.9011 
o.o4f 5.645 
0.,20 4 .. 881 -0 .. 0231 0 .. 7867 -0.7686 4 .. 3585 
0.,36 4.520 -0.,0121 0.7932 -0 .. 7862 4 .. 2697 
0 .. 52 5 .. 645 -0 .. 0148 0.7782 -0.7686 4 .. 1782 ~ 00 0 
. 
TABLE 8. 5 Continued 
o.oog 5 .. 645 
0.,16 4.881 -0.2310 0 .. 7885 -0.7704 4.2432 
0 .. 32 4.522 -0.0120 0 .. 7917 -0.7845 4.2647 
0 .. 48 4.166 -0.0148 0.7762 -0 .. 7664 4.1642 
a.Cumulative volume (ml) of 0.984N HCl added at each titration point 
bincrease in the number of moles of the ligand and metal-ligand species between successive titration points 
cMeasured exothermic heat change between successive titration points, corrected for heat of dilution of HCl 
dTitration 1. Initial volume (Vol o.o) 99.34 ml, TL 8 -3 T:H = 2.995x10-3H, rn 9.280x10-5H = = 3.12 x10 :r-.1, "'-H = 
eTitration 2. Initial volume (Vol = o .. o) 100.09 ml, TL = 3.104x10-3H, T~" = 2 .. 972x10-3H, 1Jr= 9.360x10-5H 1"1 
fTitration 3. Initial volume (Vol = o.o) 99 .. 34 ml, T 0 -3 TN = 2.995x10-3H, T 1.968x10-4H = 3.1o2x10 H, = L H 
gTitration 4. (Vol = o .. o) 100.38 ml, TL = 3.150x1o-\r, 2.964x10-31'1, -4 Initial volume T = rr = 5.956x10 M }'I -:n 
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The titration 
curves for the copper(II)-Hddmo systems (figs. 8.1 and 8.2) show a 
buffer ree;ion at pH 3.2 - l~.7 followed by an inflexion (end point) at 
pH lJ .• 9 - 6. 0. The end point titre corresponds to the addition of two 
moles of OH per mole of copper( II) ions ( :L. e. the reaction 
( )2+ dd 2H+ 2 - ' (ITdd )2+ 21I 0 Cu aq + H mo, + OH -> Cu , mo + r 2 , 
plus one mole of OH- per mole of excess acid (HCl) present). A second 
buffer region at pH 6.3 - 8.,0 was followed by an end point at pH 8.,0 -
9.2. This end point corresponds to the further addition of one mole 
of OH- per mole of copper(II) ion (:L.e. the reaction 
2+ - + Cu(Hddmo) + OH -+ Cu(ddmo) + n2o 
- + plus one mole of OH per mole of excess ligand (Hddmo,2H + OH -+ 
Hdclmo,H+ + H20)). 
Equilibrium constants v1ere calculated for reactions (I) and 
(II) for the respective buffer regions. 
H(aq) 2+ + Hddmo 
2+ l1(Hclclmo) + + H(c1dmo) + H 
(I) 
(II) 
Values of K1 and KD were calculated independently for each point through-
out the titration by the method outlined in section 4.1.2. 
For the 1 : 1 metal to ligand titration data, the derived values 
of K1 and I<u showed a systematic trend in their values with extent of 
reaction. For example log K1 decreased from 12.02 (i\, :::: 0.,2) to 11.49 
Ci\, :::: 0 .. 7) and log KJJ decreased from -7.01 (at 3cr;b formation of the 
deprotonated species Cu(ddmo)+) to -7.27 (at 70}6 formation of Cu(ddmo)+). 
The log K1 and log I<u values obtained from the titrations using 
a 1 1. 5 re.tio of metal to ligand are given in table 8.6. These 
log K values did not vary with the extent of reaction. The results 
given in ta.ble 8.6 are for 3 t:Ltrations each of ca. 30 data points for 
TABLE 8.6 
Thermodynamic Data for the Formation of Copper(II) Complexes of the Diamine Dioxime Ligands 
0 
at 25 C, I = 0.,10N NaCl 
Reaction log K fiG -Li.T{ LiS 
-1 (kJ mol ) -1 (kJ mol ) -1 (kJ mol ) 
2+ 2+ a Cu + H2dddo .: Cu(H2dddo) 
2+ + + a Cu(H2dddo) <= Cu(Hdddo) + H 
cu2+ + Hddmo <= Cu(Hddmo)2+ b 
2+ + + b Cu(Hddmo) <= Cu(ddmo) + H 
Cu2+ + dddm <= Cu(dddm)2+ b 
~ata from ref. 184 
13.24 .:!: 0 .. 05 
-3.24 + o .. o8 
12 .. 11 + 0.,04 
-6.76 .:!: 0.,09 
9 .. 10.:!: 0.,01 
-75.6 .:!: 0.3 54 .. 8 .:!: 0 .. 3 70 .:!: 2 
18 .. 5.:!: 0 .. 5 -23.7.:!: 0.3 18 .:!: 3 
-69.1 .:!: 0 .. 2 43.3 .:!: 2.,0 87.:!: 8 
38.6 .:!: 0 .. 5 -21.,9.:!: 0 .. 9 -56 .:!: 5 
-51.9 .:!: 0 .. 1 17 .. 9.:!: o .. 4 114 + 2 
184. 
values are the standard deviation for all data from 3 titrations. 
129 I Hedwig observed that for the formation of oximato complexes 
satisfactory refinement of the data was obtained only vlith metal to 
ligand ratios greater than 1 : 1.5. The effect observed at low ligand 
to metal ratios was attributed to the possible formation of polynuclear 
complexes involving a bidentate oximato group. 
The titrntion curve for the copper(II)-dddm system (fig. 8.1) 
showed a single buffer region at pH l~.5 - 5. 7, followed by a well-defined 
end point at pH 6.5 - 8.8 after the addition of two moles of 01r per 
mole of copper(II) ion (plus one mole of OH- per mole of HCl). The 
data from the buffer region were interpreted in terms of' the single 
equilibrium 
)2+ H(dddm (III) 
The value of log K1 (_:t standard deviation) for 9 t:i.trations (each of 
ca. 30 data points) is given :i.n table 8. 6 • 
. L\H data for the formo:cion and deprotonation of Cu(Hddmo/+ v1ere 
obtained from 3 titrations each of between '+ and 10 data points. The 
p[H+] of the solution was calculated by the iterative process described 
in section ~·.2.2; an initial estimate of the pH at each data point was 
obtained from a subsequent titration of the calorimeter solution with 
standard alkali. The solution composition was derived from the calculated 
p[H+] e.nd the known values of K1 and I'D. The ve.lues of L\H1 (for reaction 
(I)) and 611J (for reaction (II)) are given in te.ble 8.6 (mean ,:t standard 
deviation). 
For the enthalpimetric titration of Cu(dddm)2+ the solution 
composition was determined by two different methods. 
(1) The pH of the calorimeter solution,at each da.ta point,was determined 
after completion of the calorimetric titration by back titration with 
standard alkali. These pH values were used to calculate the equilibrium 
hydrogen ion concentrations [H+] (using the correlation curve described 
in section 3.1.3) and these were used to calculate the solution com-
position. Discrepancies (up to 20%) between the observed and 
calculated total metal concentrations were detected. These were 
attributed to the accumulation of errors associated with the 
additional titration against standard alkali and to slight errors 
in the measured pH. 
(2) + The p[H ] of the calorimeter solution was determined by the 
iterative procedure outlined in section L~.2.2, commencing from an 
initial estimate of the solution pH. 'l1he changes in the composition 
of the calorimeter solution (between successive data points) are 
reported in table 8.5. This method gave no significant difference 
between the observed and calculated total metal concentrations. 
The derived value for LUr1 , obtained from the results of the.se itera-
tive calculations, is reported in table 8.6. 
Ultraviolet ::mel visible absorption spectra were recorded 
throughout a potentiometric titration to determine the :nature and 
number of species present in solution. .Spectrophotometric data con·~ 
firmed the presence of only h1o copper-ligand species in the ti tra-
tion of copper( II) ions with Hddmo,2HClo11_ and only one metal-ligand 
species in the dddm,2HCloL
1
.-copper(II) ion titrations. .Spectrophoto-
2+ + 
metric parameters for the complexes Cu(Hddmo) , Cu(ddmo) and 
Cu(dddm)2+ are shovm in table 8.7 along with those determined for 
2+ - + 165 . . ( ( Cu(H2dddo)- and Cu(Hdddo) , and tha.t for Cu dddm) C10L~) 2 
(reflectance). 
8.1.2 The Molecular Structure of 
The single crystal X-ray molecular structure of Cu( dddm) ( ClOlJ.) 2 
has been determined. 186 The structure consists of square pyramidal 
186. 
TABLE 8.7 
.Spectrophotometric Data for the Copper(II) Complexes of the 
Diamine Dioxime Ligands in Aqueous Solution. I = 0.10M NaCl 
Complex 
Cu(H2dddo) 
2+ a 
Cu(Hdddo)+ a 
Cu(Hddmo) 2+ 
Cu(ddmo)+ 
2+ Cu(dddm) 
~ata from ref. 165 
b Reflectance spectrum 
(nm) 
592(176) 
583(211+) 
597(188) 
580(223) 
615(140) 
552 
"-max (8) 
-----·----
-1 
-1) (1 mol em 
277(5210) 
330(2800) 272(4500) 
276(5380) 
346(2240) 
303(3700) 
[Cu(dddm)(CJ.o11)J+ units (see fig. 8.2) and perchlorate anions. The 
ligand dddm occupies the bnsal plane of the square pyramid v1ith a 
1 J t . d . t d21 5 ' 216 i tl . 1 . t . perc 1 .ora e group semJ.-coor J.na e n 1e apJ.ca posJ. J.on. 
Possible sources of steric interaction in this complex are between 
the 0-methyl oxime groups,and between these and the ~212-dimethyl and 
terminal methyl groups. The non-bonded distance C(1)-C(11) (OCII~-gem­)-
0 
dimethyl) is ~~.01 A and the distance C(15)-C(16) (OCH3-
o 
terminal methyl) is 3.4-6 A. However these distances are approximately 
the same as the shortest C-C distances between adjacent cations 
0 (3.58 A) in the structure. This suggests that the dddm ligand can 
adopt a configuration which doe,s not involve significant steric 
interaction between the CH
3 
groups of the o-methyl substituent::; and 
other CH~ groups in the cation. Other short non-bonded distances in ) . 
the cation are C(9)-C(12) (2.87 A) and C(7)-c(8) (2.97 ~). 
The strud;ure determination also sh.ows that the )c=N-0 units 
are planar and that N(2) and N(lJ.) are displacedtowards the semi-
coordinated perchlorate group, and N( 1) and N( 3) are moved away frotn 
it. 1rhis results in the o.ngle between the }1laner3 containing the atoms 
C(3), C(ll·), C(2), N(1) and 0(1) and C(13), C(15), C(1L}), N(4) and 0(2) 
being 55.6°, 
0 
1rhe 0(1)-0(2) distance is 3.12 A which exceeds the sum 
0 217 
of the van der Waals radii of two oxygen atoms (2.8 A). It is 
possible that the large dihedral angle between the 11 oxime planes" 
arises from a m:Lnimize.tion of ster:Lc interaction between the atoms 
0(1) and 0(2). In oxime complexes containing only 5-membered chelate 
rings the mdme groups are more readily acconm1odated in ~';!-planar 
posi·cions e.g. for many glyoximates, dimethyl-, ethylmeth;yl- and 
diphenyl-glyoximates dihedral al'l.gles close to zero have been observed. 
121,218,219 The geometry about the copper atoms in [Cu(Hdddo)J 2Br2 is 
slightly distorted trigonal bipyramida1 9
165 but the chelate rings :Ln 
both diamine dioxime complexes have similar conforme:l;:Lons despite the 
presence of 0-methyloxime groups in [Cu(dddm)](Clo4 )2 • 

2+ 2+ 8.1.3 Formation of the Complexes Cu(H2dddo) , Cu(Hddmo) and 
Cu(dddm) 2+ 
log K The conductivity of the complex Cu(dddm)(Clo4 )2 was measured 
• A • 2 -1 -1 in aqueous solution. The molar conductiv1ty, .tc , 1s 229 em mol Q 
m 
0 220 
at 25 C, which corresponds to a 1 : 2 electrolyte. It is inferred 
that the complex exists as Cu(dddm)2+ ions and Clo4- ions in aqueous 
solution. 
2+ 2+ The log K1 values for the complexes Cu(H2dddo) , Cu(Hddmo) 
and Cu(dddm) 2+ allow assessment of: 
(1) the effect of changing an oxime group to an 0-methyloxime group, 
and 
(2) the effect of adding a second ~-ketoxime chelate ring to the 
tridentate ligands Hdno and drun (Chapter 7). 
By comparing the stabilities of Cu(H2dddo)
2
+ and Cu(dddm) 2+, 
it is seen that the effect of changing two =NOH groups to two =NOCH3 
groups is to reduce log K(CuL) by l~.14. As determined in section 7.2.1 
the effect of changing one =NOH group to an :::NOCH3 group was to reduce 
the stability of the copper(II) complex by 2.4 log units. The effect 
observed for the tetradentate ligands is approximately twice that for 
the tridentate ligands. The conclusion drawn is that no significant 
steric strain is introduced by changing ::::NOH to ::::NOCH3 in an oxime 
complex. 
In Chapter 7 it was established, by comparing Cu(N,N-dimethyl-
ethylenediamine)2+ and Cu(Hdno) 2+, that the addition of a ~-ketoxime 
chelate ring to a diamine co-ordinated to copper(II) increased 
log K(CuL) by 2.9. The increase in log K(CuL) on adding a ~-keto-
methyloxime was only 0.8 log units. By comparing the stabilities of 
the copper(II) complexes with the tridentate and tetradentate ligands 
the effect of a second additional chelate ring can be assessed. However, 
because the ligands have different basicities it is desirable to compare 
the relative stabilities of their copper(II) complexes in terms of the 
equilibrium 
K' 
which takes this different basicity into account by considering the 
competition of H+ and ~{+ for the ligand L 133 ,206 (assuming log k NO 
190. 
2+ 2+ for oxime protonation). The log K' values for Cu(H2dddo) , Cu(Hddmo) 
and Cu(dddm)2+ are 2.5 ~ 0.1, 3.55 ~ 0.06 and 6.43 ~ 0.03 respectively, 
2+ 2+ 6 and those for Cu(Hdno) and Cu(dnm) are 4.20 ~ 0.07 and .3 ~ 0.1 
respectively. The smallest value of log K' corresponds to the most 
2+ 
stable chelate ring system. Comparison of the data for Cu(Hdno)-
and Cu(H2dddo)
2
+ show that a second ~-ketoxime chelate ring (change B) 
increases the stability of the copper(II) complex (6 log K') by 1.7, 
·whereas the addition of a second ~-ket-0-methyloxime substituent 
decreases the stability (log K' (Cu(dddm) 2+) - log K' (Cu(dnm) 2+)) 
by 0.1. 
IY 
A NOR B eN NOR N NOR 
~ 
SCHEMATIC REPRESENTATION OF THE ADDITION OF CHELATE RINGS 
In contrast, for the addition of a first ~-ketoxime substituent 
to a diamine (change A), the stability of the copper(II) complex 
increases by 2.9 (6 log K1 ), and, for addition of a ~-ket-0-methyloxime 
substituent, by 0.8. In summary, the addition of a first oxime chelate 
ring to a co-ordinated diamine (change A) contributes a larger increase 
to the stability than does a second chelate ring (change B). In contrast, 
191. 
for the copper(II) complexes of a. variety of linear polyamines204 ,206 
a. second chelate ring (change D) increases the stability of the complex 
by a.pproximately the same amount as the first chelate ring (change C). 
The log K(CuL) da.ta for some polyamine chelate complexes are shown 
in fig. 8.3. There is a uniform increase in the sta.bility with 
addition of successive chelate rings. The increase in stability 
will be contributed to by ( 1) ·bhe increase in the basicity of the 
ligands, and (2) the chelate effect, but will be offset by the 
cumulative ring strain. [Here one must consider logK(CuL) values 
re.ther ·bhan log K 1 values because the number of strongly basic donors 
2+ 2+ is being increa.sed.] In the complexes Cu(H2dddo) , Cu(Hddmo) a.nd 
Cu(dddm)2+ the decreased contribution to the stability by the second 
~-ketoxime chelate rings may result from accumulated ring strain and/or 
the possible steric interaction between the adja.cent NOH (R == H or CH,J 
:J 
groups. 
Interpretation of the 6H and ~S values. Typical values of 6S for the 
co-ordination of tetra-amines to copper(II) ions are 66- 80 J mol-1 K-1• 
209,221 2+ -1 -1 The data for the complexes Cu(H2dddo) (~S = 70 J mol K ) 
2+ 8 -1 -1 and Cu(Hddmo) (6S = 7 J mol K ) suggest that here also four sites 
in the copper co-ordination sphere are occupied by ligand donor atoms. 
It is inferred from the enthalpy changes for the formation of 
( 2+ -1 2+ -1 Cu H2dddo) (6H = -54.8 kJ mol ) and Cu(IIddmo) (6H = -43.3 kJ mol ) 
Fig. 8.:; 
Complex Stability (log K(CuL)) vs Ligand Basicity (!:log ki) for the Copper(II) Complexes of Some Polyamines 
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that (1) the copper-oxime co-ordinate bond strength is weaker than the 
copper-0-methyloxime bond strength, and (2) the oxime- and 0-methyloxime-
copper bonds are much weaker them a copper-amine bond. For the 
structurally related tetra-amine 2, 11-diamino-4 ,LJ-, 9, 9-tetramethyl-5, 8-
diazadodecane 6H is -104 kJ mol-1•209 The formation of this tetra-amine 
copper(II) complex has an entropy change (68 = 80 J mol-1 K-1) similar 
to those observed for the . 2+ 2+ formatJ.on of Cu(H2dddo) and Cu(Hddmo) , 
but a much higher exothermic heat of formation. 
The molecular structure of cu(dddm)(Clo4)2 shows the orientations 
of the -ocu3 groups and the ~-dimethyl groups to be such that one of 
the axial octahedral co-ordination sites of copper(II) is significantly 
shielded,and it is inferred that the higher 6S value for the formation 
2+ -1 -1 
of Cu(dddm) (6S = 114 J mol K ) relates to the desolvation of one 
of these co-ordination sites. This increased desolvation is also 
-1 
reflected in ·che very low value of MI ( -17.9 kJ mol ) ; de solvation 
makes an endothermic contribution to LUI. 
Spectrophotometric Data. Data from the ultraviolet and visible 
absorption spectra for the complexes Cu(H2dddo/+, Cu(Hdc1.mo)
2
+ and 
2+ Cu(dddm) in aqueous solution are reported in table 8.7 along with 
the data for the reflectance spectrum of [Cu( dddm) ( Clo4)] ( c1o4). 
From the A. values for the d-d transitions it is inferred that 
max 
in solution the copper(II) ion is co-ordinated by two amino nitrogen 
donors and two oxime nitrogen donors in each complex. The A 
max 
value 
for Cu(en)(H2o)2
2
+ (2 amino donors, 2 oxygen donors) is 660 nm222 while 
that for Cu(en)2 is 550 nm.9
9 A for Cu(dien)(H2o)
2
+ (3 amino donors, 
max 
1 oxygen donor) is 611 nm. 207 Allowing for the different donor strengths 
of the oxime and amino functional groups it is inferred that the diamine 
dioxime ligands are co-ordinated to the copper atom through the 2 amino 
nitrogens and 2 oxime nitrogens. This deduction is supported by the 
molecular structure determination of Cu(dddm)(Clo4)2 • 
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From the values of A. for the d-d transition in the diamine 
max 
dioxime complexes it follows that the contribution to the ligand field 
splitting term by an =NOH group is greater than that for an =NOCH7. 
;J 
2+ 2+ group. For the coraplexes cu(Hdno) and Cu( dnm) a similar observation 
was made; further1 the oxime and 0-methyloxime groups in these tridentate 
diamine oxime ligands each make a contribution to the ligand field 
splitting similar to that of a primary amino group. In contrast, in 
the tetradentate ligands two termj_nal oxime groups are seen to make a 
much smaller contribution to the ligand field splitting than do two 
primary amino groups, c.f. A. (Cu(H2dddo)
2
+) = 592 nm and f. max ·1nax 
(Cu(2, 11-diamino-lt ,4, 9, 9-tetramethyl-5, 8-diazadodecane)) = 534 nm. 209 
[This effect is also seen by noting that addition of one oxime donor 
2+ to a diamine copper(II) complex decreases A. by ca. 90 nm (Cu(Hdno) ) 1 max -
2+ 
and adding an 0-methyloxime donor decreases A. by~· 80 nm (Cu(dnm) ). 
max -
(see section 7.2.1). However, introduction of a second oxime donor group 
decreases A. by a 
max 
2+ further 20 nm (Cu(H2dddo) ) while a second 
0-methyloxime group decreases A. by only 4 nm (Cu(dddm) 2+)J. 
max 
From the molecular structure determination of Cu(dddm)(Clo4)+ 
it was inferred that a possible steric interaction between the oxime 
OX'Jgens may have been offset by a distortion from square planar symmetry. 
Such a distortion would also decrease the overlap of the copper and ligand 
orbitals. The ligand field strength per oxime group is therefore expected 
to be less in the diamine dioxime complexes than that observed in the 
tridentate diamine oxime complexes where no steric interaction of this 
type occurs. 
2+ 2+ 2+ . Cu(H2dddo) , Cu(Hddmo) and Cu( dddm) show strong absorptJ.ons 
at 277, 276 and 303 nm respectively and these are assigned to 1 ~ M 
a 
charge transfer transitions. Similar charge transfer transitions are 
211 
observed in many copper(II) amine and amine-imine complexes. 
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The reflectance spectrum of [Cu( dddm) ( Cl01~) ]Clo4 shows a shift 
of the d-d transition to higher energy (A 552 nm) compared to the 
max 
same complex in aqueous solution (A 615 nm). The molecular structure 
max 
of the cation [Cu(dddm)(ClOlr)]+ in the solid state shows the copper 
atom to be five co-ordinate, and in solution the copper atom is probably 
5 co-ordinate in the cation Cu(dddm)(H2o)
2
+. A square pyramidal co-
ordination sphere produces the metal ion energy level scheme shown in 
fig. 8.4. 1~e greater ligand field splitting observed in the solid 
state suggests that the degree of axial distortion is greater in the 
solid, and therefore a water molecule in the 5th co-ordination site 
acts more strongly than does a perchlorate ion. 
8.1.4 + ·r The Complexes Cu(Hdddo) and Cu(ddmo) 
The pKa for proton dissociation from the =NOH group in H2dddo 
has been determined as 12.3.:!: 0.3. 165 On co-ordination of this ligand 
to copper(II) ions the acidity of the hydroxyl proton increases, with 
PK 3.21f.
165 It can be assumed that the pK of Hddmo is also 12.3. a · a 
On co-ordination of Hddmo to copper(II) ions the acidity of the oxime 
proton again increases, with pK 6.76. This observation is consistent 
a 
with that observed for manyligands which contain acidic protons on or 
. 88 10l~ . 106 
near the donor atom (e.g. ann..nes, water and hydroxylam1.ne ) • 
On co-ordination of pyrid:Lne-2-aldoxime (HL) to copper(II) ions to give 
Cu(HL)2
2
+, the pK for the oxime group decreases from 10.0 to 2.8 (for 
- a 
the first acid dissociation to give Cu(HL)(L)+), and to 6.7 (for the 
second acid dissociation). 87 This increase in acidity was interpreted 
in terms of stabilization of the co-ordinated anionic oximato ligand by 
means of conjugation involving the metal ion. For the complexes 
Cu(H2dddo)
2
+ and Cu(Hddmo)2+ the increased acidity results from the 
inductive effect of the metal ion on the oxime 0-H bond. The complex 
Cu(Hddo.o)+ is further stabilized by formation of an intramolecular 
hydrogen bond. Cu(Hdddo)+ did not undergo proton dissociation at 
196. 
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pH < 10;29 ' 165 indicating the stabilizing effect of hydrogen bond 
formation. 
Assuming a value of log l<n = -12.3 for the reaction 
l1J '>. Hddmo - + + ddmo + H , the formation constant for Cu(ddmo) can 
be derived as 2+ - )+ log K*(Cu(aq) + ddmo ~Cu(ddmo ) = (log K1 + 
log I<D - log ~) = 17.7. The corresponding value of log K* derived 
for the formation of Cu(Hdddo)+ is 22.3. By comparing these values 
. 2+ )2+ w~th log K1 for the complexes Cu(H2dddo) and Cu(Hddmo the con-
tribution to the stability of the copper(II) complexes arising from 
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deprotonation and hydrogen bond formation is assessed as 9.1 (log K* 
+ 2+ (Cu(Hdddo) ) -log K1(cu(H2dddo) )) and for deprotonation in the 
absence of intramolecular hydrogen bonding as 5.6 (log K*(Cu(ddmo)+) -
2+ log K1(cu(Hddmo) ) • Intramolecular hydrogen bond formation is 
therefore assessed as adding 103 ·5 to the stability of these oxime 
complexes. 
The stability constant data for bis-(dioxime) complexes 
(e.g. dimethylglyoxime) illustrate the effects of oxime deprotonation 
and hydrogen bond formation. These ligands do not co-ordinate to metal 
ions without oxime deprotonation, 81 t 82 reflecting the greater donor 
strength of the oximato group. Secondly, the contribution of intra-
molecular hydrogen bonding (1a3·5 in the diamine dioxime complexes 
where one hydrogen bond is formed) enhances the stability of the bis-
dioxime complex (where two hydrogen bonds are formed) relative to the 
mono-complex. 
The data in table 8.6 show that the enthalpy change for deproto-
nation from a co-ordinated oxime group is endothermic and of similar 
magnitude for both Cu(H2dddo)
2
+ and Cu(Hddmo)2+. These enthalpy 
changes are contributed to by (1) an endothermic term associated with 
breaking the oxime 0-H bond, (2) an exothermic term associated with 
the formation of intra or intermolecular hydrogen bonds and with the 
198. 
increased strength of the copper-ligand co-ordinate bonds, and (3) 
solvation terms associated with changes in secondary sphere solvation 
of the complex a.nd solvation of the released proton. 
The entropy change for oxime deprotonation from Cu(H2dddo)
2+ 
is positive (favourable) but negative for the deprotonation from 
2+ 2+ Cu(Hddmo) • For the deprotonation from Cu(Hddmo) the unfavourable 
entropy change may be interpreted in terms of solvent ordering effected 
by the oximato group hydrogen bonding to the solvent. This entropy 
change (-56 J mol-1 K-1) can be compared with that for the deprotona-
tion of a water molecule (6S = -80 J mol-1 K-1)223 (i.e. comparing 
- + - + HOH ~ OH + H wj.th C::::NOH .= C=NO + H ) • In contrast, the favourable 
entropy change for proton dissociation from Cu(H2dddo)
2
+ results from 
rotation of the 0-H bond about the N-0 bond to give an intramolecular 
hydrogen bond. Hydrogen bonding to the solvent is thereby reduced. 
In the complex Cu(Hdddo)+ intramolecular hydrogen bonding is favoured 
over hydrogen bonding to the solvent by a positive entropy change. 
Spectrophotometric Data. The ultraviolet and visible absorption 
+ ( + spectral data for the complexes Cu(Hdddo) . and Cu ddmo) in solvent 
H20 are reported in table 8.7. Deprotonation of the complexes 
2+ 2+ Cu(H2dddo) and Cu(Hddmo) decreases ~ by 9 nm and 17 nm respectively, max 
reflecting the greater donor strength of the oximato group. However the 
shift in A. is not as great as that observed upon deprotonation of 
max 
Cu(Hdno)2+ (44 nm, see section 7.2.2). This may reflect the influence 
of steric strain between the oxime oxygen atoms in the tetradentate 
ligand complexes (which would reduce the overlap of the ligand and 
metal orbitals). This steric interaction is absent :i.n the tridentate 
ligand complexes. 
Cu(Hdddo)+ and Cu(ddmo)+ also show charge transfer transitions 
at 330 nm and 272 nm, and at 346 nm respectively. + In Cu(Hdddo) the 
band at 272 nm has been assigned to a ligand to metal charge transfer 
transition and the band at 330 nm (e 2800 1 mol-1 cm-1) to a charge 
transfer transition associated with the oximato group. 165 This band 
is observed to be solvent dependent. The band at 31~6 nm (e 22l~O 
1 mol-1 cm-1) in the spectrum of Cu(ddmo)+ is assigned to a similar 
transition. No charge transfer transition was observed for Cu(ddmo)+ 
199. 
at N270 run, although these complexes absorb very strongly below 200 nm 
and this very strong absorption tails into the region around 270 nm. 
200. 
8.,2 THE METAL COHPLEXES OF H2~ 
8.2.1 Results 
The log K values for the equilibria between the ligand H2dddo 
and copper( II) ions 165, 18lJ. and cobalt( II) ioni14 have been reported. 
The nickel(II) and zinc(II) complexes of H2dddo were studied by 
titration of NaOH (N0.,2M) into solutions c9ntaining H2dddo 92HClo4 
(1 x 10-3M), the appropriate metal chloride (6.7- 9.5 x 10-'+M), 
4 0 HCl (5 x 10-M) and NaCl (I = 0.,10H) at 25 c. Typical pH-volume 
data from the nickel(II) and zinc(II) titrations are given in tables 
8.8 and 8.9 respectively. The data from the titrations are shown 
graphically in fig., 8.5. For the nickel(II) system the pH reached a 
stable reading only slowly (20 - 30 minutes) following each titrant 
addition. A complete titration thus took 4 - 5 hours to complete 
(~V12 data points). 
The iron(II)-H2dddo system was studied in the closed titration 
cell 1in an oxygen free atmosphere (section 3.3),by titration of NaOH 
(ca. 0.3H) into solutions containing FeS01 (3 x 10-4H), H2dddo 92HCl01 
- ~· I· 
(1 x 10-3H) 9 HCl (1 x 10-3r.1) and NaCl (I= 0.,1Dr1) at 25°C. Typical 
pH-volume data are given in table 8.,10 and in fig. 8.6. 
The pH-volume data for the iron( II), nj.ckel(II) and zinc( II) 
systems show buffer regions at pH 5.L~ - 8.,4, pH 5.0 - 7.0 and pH 5.9 -
7.5 respectively, followed by end-points at pH 8.6, pH 7.5 - 9.0 and 
pH 7.5 - 9.0 respectively. The end point titres correspond to the 
completion of the reaction 
(where H2L refers to the ligand H2dddo) plus the reaction H2L,2H+ + OH- --> 
H2L,H+ + H20 for excess ligand present. 
214 As observed for the cobalt(II) system, the experimental data 
could not be analysed in terms of the equilibria 
TABLE 8.8 
Representative Data from the Titration of NaOH Against Solutions 
Containing H2dddo,2HClo4 , Nickel Dichloride and Hydrochloric Acid 
0 
at 25.0 C, I = 0.10H NaCl 
Initial Composition: TL = 1.009 X 10-3M 
-4 TM = 6.667 x 10 M 
TH = l~.430 x 10-3M 
Vola p[H+]b Vola p[H+]b 
0.125 4.993 0.300 5.367 
0.150 5.067 0.325 5.419 
0.200 5.162 0.350 5.454 
0.225 5.232 0.375 5.520 
0.250 5.260 o.L~oo 5.576 
0.275 5.316 0.450 5.762 
~olume (ml) of 0.,2415H NaOH added to 49.93 ml of solution 
bp[H+] de~J.·ved f FI tl' d · t• 7. 1 7. .~. · rom p as ou :J.ne J.n sec J.On ::; • • :; 
m 
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TABLE 8~.2_ 
Representative Data from the Titration of NaOH into Solutions 
Containing H2dddo,2HClo4 , Zinc Dichloride, and HCl at 25.0°C, 
I = 0.10M Na.Cl 
Initial Composition: ~1JJ = 1.,021+ X 10-3H 
TM = 6 .. 762 x 10-4M 
TH = 4.488 x 10-3H 
Vola p[H+]b Vola p[H+]b 
0.,250 6.230 0.700 9.390 
0.275 6.288 0.750 9.729 
0.300 6.338 o.8oo 9.983 
0.350 6.438 o.85o 10.218 
0.375 6.~.86 0.900 10.ltOlJ. 
0.,1+00 6.536 0.950 10.564 
o .. '+c~5 6.585 1.000 10 .. 690 
o.IJ.50 6.639 
o.475 6 .. 701 
~olume (ml) of 0.22l~8H NaOH added to 49.93 ml of solution 
bp[H+] derived from pH as outlined in section 3.1.3 
m 
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Fig. 8.5 
pH vs Volume for the Titration of NaOH into 
Solutions containing MC12 (M = Zn or Ni) and 
0 H2dddo,2HC10l~ at 25 C and I = 0.10M NaCl 
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J"f.lABLE 8.10 
Representative Data from the Titration of NaOH into Solutions of 
0 Iron(II) sulphate, H2dddo,2HClo4 and HCl at 25.0 C and I = 0.10!vl NaCl 
0 -'+ Initial Composition: T1 ::: o.I+LJ.6 x 10 M 
Vola 
0.410 
0.430 
0.450 
0.470 
o.L}90 
0 .. 510 
0.530 
-4 TM = 2.940 x 10 M 
TH = 4.329 x 10-3M 
p[H+]b 
7.689 
7.839 
8.034 
8.109 
8.260 
8.452 
8.688 
~olume (ml) of o.2829M NaOH added to 64.0 ml of solution 
bp[H+] derived from pHm as outlined in section 3.1.3 
pH 
Fig. 8 .. 6 
pH vs Volume for the Titration of NaOH into a 
Solution Containing Feso4 and H2dddo,2HClo4 at 
0 25 C and I :::: 0.10H NaCl 
9 
8 
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6 
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4 
3~----~~----~------~------~------~------~ 
·2 ·3 ·4 ·5 ·6 
Vol (ml) NaOH 
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and 
:t-f+ + H L 2 
+ + H(HL) + H , 
but was best analysed in terms of the concerted reaction 
K 
M(HL)+ + H+ 
206. 
The results given in table 8.11 for the complexes of iron(II), nickel(II) 
and zinc(II) are the mean values of log K <:t standard deviation) for 
2 titrations (each of~· 8 data points), 7 titrations (each of ~.8 
data points) and 8 titrations (each of~· 20 data points) respectively. 
The zinc(II) complex was observed to lose a proton in a buffer 
region at pH> 9.2. The data in this region were analysed in terms of 
the equilibrium reaction 
Zn(HL) + + OI-C Zn(HL)(OH) • 
The value of log K0H was derived from the experimental data. by the 
method outlined in section 4.1.2 and is given in table 8.11 (mean + 
standard deviation) for lr titrations. 
Spectrophotometric data recorded throughout a nickel(II)-H2dddo 
titration confirmed the formation of only one metal-ligand species in 
the buffer reg:Lon pH 5.0 - 7.0. (Spectrophotometric data for Ni(Hdddo)+: 
A. 478 nm, e 258 1 mo1 ... 1 cm-1; A. 298 nm, 8 3000 1 mol-1 em - 1). The 
max max 
complex Ni(Hdddo)(Clo4)(H20) prepared under slightly alkaline conditions 
(see section 3.7.2) showed the same spectrophotometric properties on 
dissolution in water. 
8.2.2 Discussion 
The ligand H2dddo co-ordinates to the metal ions iron(II), 
cobalt(II), nickel(II) and zinc(II) in the oxime-oximato form; the species 
M(H2dddo)
2
+ was not detected in solution. ~is contrasts with the 
TABLE 8.11 
Thermodynamic Data for the Equilibrium 
K M(Hdddo)+ 
for the Metal Ions Iron(II), Cobalt(II), Nickel(II), 
Copper( II) and Zinc( II) at 25°C and I :::: 0.10N NaC1 
Hetal Ion log K 
Fe 2+ a 
-3.51 .± 0.07 
Co2+ b 
-0.58 .± 0.,06 
Ni2+ a 2.85 .± 0.12 
Cu2+ c 10.00 .± 0 .. 13 
Zn2+ a 
-0.31 .± 0.,03 
~his work 
bDatum from. ref. 214 
0Datum from ref. 165 
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co-ordination of H2dddo to copper(II) ions where two metal-ligand 
species are formed in the pH range 2.0- 5.0, 165 ~· Cu(H2dddo/+ 
208. 
+ 2+ followed by Cu(Hdddo) • The complex Cu(H2dddo) represents more than 
2(]}6 of the total metal concentration between pH 2.6 and 3.8 with a 
maximum concentration of 46% of the total metal at pH 3.1. Co-ordination 
of H2dddo to copper(II) ions lowers the pKa for the oxime group from 
12.3 to 3.24. 165 Co-ordination to the metal ions iron(II), cobalt(II) 9 
nickel(II) and zinc(II) occurs only at a pH>5 (i.e. above the pH for 
proton dissociation in the case of Cu(H2dddo)
2
+) and it is observed 
that ligand co-ordination and oxime deprotonation occur in one step. 
- + 165 Using the value -12.3 for log 11J (H2dddo ".~ Hdddo + H ) 
the formation constants for the complexes can be derived as 
log K*(M2+ + Hdddo- .= rv!(Hdddo)+) :::: log K - log ~· 
Values of log K* are given for the divalent metal ion.s Fe, Co, Ni, 
Cu and Zn in table 8.12. The stability order Fe< Co < Ni < Cu "> Zn is 
observed,~. the Irving-Williams stability order. 224 Data for the 
same metal ions forming mono(glycinato) complexes79 and mono- e.nd 
bis-(ethylenediamine) complexes79 are shown in fig. 8.7. These data 
show that zinc(II) complexes are generally of similar stability to 
the cobalt(II) complexes. The log K* data for the dioxime complexes 
also show this. 
214 The cobalt(II) and zinc(II) complexes of Hdddo- form hydroxy 
species, H(Hdddo)(OH). The value of log KOH observed for the cobalt(II) 
complex (3.32) is similar to those observed for other cobalt(II) 
hydroxy complexes/14 while log KOH for the formation of Zn(Hdddo)(OH)+ 
(3.87) is similar to those observed for other zinc(II) complexes (e.g. 
for ZnL( OH), L = N ,N-bis(2-aminoethy~glycinate, log KOH :::: L1-.1 225 and 
L = 3-azahexane-1 ,6-diamine, log KOH :::: L~.421 3). 
The slow rate with which nickel( II) ions and H2dddo a.chieve 
equilibrium is related to the mechanism by which the ligand replaces 
209. 
TABLE 8.12 
t?+ log K*(N(Hdddo)+) log K*(H(ddmo)+) 
Fe 8.8 + 0.1 
Co 11.7 .±. 0 .. 1 b 9.3 .± 0.3 
Ni 15.2 .±. 0.1 10.7 .± 0 .. 2 
Cu 23.3 .± 0 .. 1 c 17.7.:!:0.1 
Zn 12 .. 0 + 0.,1 
a See text 
b Data derived from ref. 2111. 
0Data derived from ref. 165 
Fig. 8.7 
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the co-ordinated water molecules. The mechanism of ligand replace-
t . th ht t b d' ' t' 226 ' 227 Tl t t 11' men ~s oug - -o e a ~ssoc~a ~ve one. 1e ra e con ro ~ng 
step is the breaking of the Ni2+ - OH2 bond and the accompanying 
formation of the 5-coordinate transition state. In nickel(II) 
systems the formation of this transition state is accompanied by a 
greater loss in ligand field stabilization energy than for other 
divalent metal ions ( Hn-Zn) .. 
8.2.3 The Complexes N=!J!idddo) (Clo11 ) .H20 and Zn(Hdddo)Cl011 
The complexes Ni(H2dddo)(Clo4 )2 (red) and Ni(Hdddo)Cl01~ (green) 
have been prepared by Fraser. 228 Both these complexes were isolated 
from non-aqueous solution. In this work the hydrated complex 
· Ni(Hdddo)(Clo4 ) .H2o (orange) has been isolated from aqueous solution 
at pH> 7. In aqueous solution 1 for this complex is at 478 nm 
· ·wax 
indicating a diamagnetic square planar structure. Infrared absorp-
tions are reported in table 8.13. In contrast to green Ni(Hdddo)Clo4 , 
the orange hydrate of this complex shows infrared absorptions at 
3580 (sharp) and 3350 cm-1 These are assigned to v(O-H) of an oxime 
group and v(O-H) of lattice water respectively. Absorptions at 2800 -
2300 cnt1 and at 1700 - 1500 em - 1, which occur for me.ny oxime and dioxime 
complexes 1have been assigned to v(o---H-0) and 6(0---H-0) vibrations 
. 114 165 respect~vely. ' These absorptions are absent in the hydrated 
Ni(Hdddo)Clo4 .H20 complex. It is inferred that no oxime-oximato 
hydrogen bonding exists in the solid state and that the water is 
perhaps associated with the oximato group rather than co-ordinated 
to the metal ion in an axial octahedral position. This result suggests 
that for hydrogen bonding to occur in an oxime-oximato complex in the 
solid state the oximato group must be present in a hydrophobic environ-
ment. The single crystal X-ray structure analysis of Ni(Hdmg) 2 
78 shows 
that adjacent square planar units in the solid state are staggered at 
90° to each other; each oxime-oximato hydrogen bridge has two hydro-
212. 
TABLE 8.13 
-1 Infrared Absorptions (em ) for the Complexes 
Ni(Hdddo)ClOL~' Ni(Hdddo)Cl04.H2o and Zn(Hdddo)Clo4 
Ni(Hdddo)Clo4a Ni(Hdddo)Clo4.H20 Zn(Hdddo)Clo4 
-
v(O-H) 3580b, 3350° 
v(N-H) 3255 3200, 3140 3275, 3250 
v(O-H---0) 2755 - 2600 2800 - 2600 
v(C=N) 1670 1630 1680, 1630 
o(O-H---0) 1520 1530 
aData from ref. 228 
bSharp; v(NO-H) 
0Broad; v(HO-H) 
phobic methyl substituents above and below it. 
[Zn(Hdddo)](Clo4) shows absorptions in the infrared at 2600 -
2800 cm-1 and at 1530 cm-1 indicating the presence of hydrogen bond-
ing in the solid state. 
The visible and ultraviolet spectral data. for the complex 
Ni(Hdddo)+ in aqueous solution yields some information on the nature 
of the charge transfer transitions in these dioxime complexes. The 
relative energy order of the d orbitals in a series of divalent 
transition metal ions can be ascertained from the ve.lues of the third 
ionization potentials, which establish the d orbital energy order to 
be Hn > :E'e >Co> Ni >Cu. If the observed charge transfer transition 
in oximato complexes is from a low-lying ligand orbital to the higher 
energy metal orbitals (14 H) then the L~Cu transition will occur at 
lower energy than the L-> Ni transition. If the charge transfer 
involves a transition from a metal orbital to a higher energy ligand 
"' orbital 01~> L('JI:.)) then the Cu-~ L transition will be at higher energy 
than the Ni-~ L transition. The charge tranr:;fer transition observed 
+ -1 -1 in Cu(Hdddo) at 272 nm (B L~500 1 mol em ) (L
0
(amino) ·-> M) is 
shifted to below 200 nm in the nickel(II) complex. This confirms 
that the band arises from a Jr> Jl1 transition. The oximato charge 
transfer absorption occurs at 330 nm (£ 2800 1 mol-1 em - 1) and at 
298 nm (£ 3000 1 mol-1 cm-1) in Cu(Hdddo)+ and Ni(Hdddo)+ respectively. 
The absorption for the nickel(II) complex is at higher energy and the 
transition is therefore assigned to a L(oximato)->H transition. This 
assignment is supported by the spectrophotometric data for Cu(Hdddo)+ 
obtained in a variety of solvents, as reported by Fraser et ~. 165 
The absorption is at highest energy in strongly hydrogen bonding solvents 
(e.g. H20). This observation is interpreted in terms of a st<J.bilization 
of the oximato group by hydrogen bonding; the charge transfer Jr> N 
increases in energy with stabilization of the oximato orbitals. 
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8.3 THE METAL CO~WLEXES OF 
8.3.1 Results 
The log K data have been determined for the complexes with 
cobalt(II), nickel(II), copper(II) and zinc(II) ions. The cobalt(II) 
system was studied by titration of NaOH (0.29JV!) into solutions con-
-4- -4 taining Hddmo,2HC10z} (6.6 x 10 1•1), Cocl2 (5 x 10 M) and NaCl 
(I = 0.10M) at 25.0°C in the air-tight cell described in section 3.3.1. 
Before the commencement of a titration the solutions of Coc12 and 
Hddmo,2HC10z} were flushed with oxygen-free nitrogen gas until the 
concentration of dissolved oxygen was <0.05 ppm. A stream of oxygen-
free nitrogen was blown across the top of the test solution throughout 
the titration. The solution oxygen concentration, as determined by 
the polarographic oxygen sensor, did not differ significa11tly from 
0.0 ppm throughout a titration. Typical pH-volume data are reported 
in table 8.1L~. These pH-volume data are shown graphically in fig. 8.8. 
Titrated solutions (pH>9) rapidly change colour from near colourless 
to deep amber (typical of oxygenated cobalt(II) complexes214 ) on 
exposure to the atmosphere. 
Oxygenation of the cobalt complex was studied by titration of 
-l~ CoC12 ( 0 .. 31v1) into air-saturated solutions of Hdddo ( 6. 9 x 10 r1), 
NaOH (such that the pH was ~ 6. 2 and 1"-J 8. 1 , corresponding to the start 
of the first and second buffer regions respectively) and NaCl (I= 0.10M) 
at 25°C. These results showed a partial uptake of oxygen at each pH 
(see table 8.15); however the oxygen adduct formed was non~labile. On 
addition of edta to a solution (pH "-'9) of the oxygen adduct no colour 
change was detected. Edta forms a stable cobalt(II) complex which is 
214 
not oxygen sensitive up to pH 11.6. On addition of HCl to pH "-' 1 
only 5CJl/o of the oxygen tak,en up during the titration at pH 6.2 was 
released after 30 minutes, v1hile 1after acidification,no increase in 
oxygen concentration was detected after 30 minutes for the oxygenation 
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TABlE 8 
Representative Data from Titrations of NaOH into Solutions Containing 
Hddmo,2HCl04 , cobalt dichloride and HCl at 25.0°0 and I = 0.10M NaCl 
Initial Composition: -4 T1 = 6.098 x 10 M 
8 -4 TM = 4.9 3 x 10 M 
TH = 1.829 x 10-3M 
Vola ;p_[H+] b Vola ;p_[H+]b 
0.08 6.399 0.20 8.107 
0.,09 6.460 0.21 8.221 
0.10 6.53L~ 0 .. 22 8.310 
0.11 6.595 0.23 8.382 
0 .. 12 6.660 0.21+ 8.450 
0 .. 13 6.729 0.25 8.519 
0.1L~ 6.807 o.26 8.587 
0.15 6 .. 911 0.27 8.651 
0.,16 7.050 0.28 8.718 
0.17 7.262· 0.29 8.790 
0.18 7.600 0.30 8.865 
0.19 7.920 0.31 8.951 
~olume (ml) of o.2857M NaOH added to 6o.o ml of solution 
pH 
Fig. 8.8 
pH vs Volume for the Titration of NaOH into Solutions 
Containing a 1:1.5 ratio of MC12 (M =Co, Ni e~d Zn) 
and Hddmo,2HC101~ at 25°C and I = 0.10M NaCl 
10 
0 ·2 ·3 
Vol (ml) NaOH 
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2+ 6 8 -4 8 -4 8 -3 [ o Co ; TJ..~ :: .09 x10 I'-1, TM = 4. 9 3x10 M, TH = 1. 29x10 M, NaOH] :::: 
0.2857M 
• N1'2+• T 8 ~- - 4 4 ... 3 , JJ = 9.1 >1x10 M, TM = 6.637x10 M, TH = 2.75 x10 M, [Na.OH] :::: 
0.2829M 
+ Zn2+; 'r1 ::: 8.LI-43x10-
4M, TM = 5.002x10-4H, TH :::: 2.533x10-3M, [NaOH] = 
0.2829}1 
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TABLE 8. 
Representative Data from the Titrations of Cobalt Dichloride into 
Air-Saturated Solutions of Hddmo,2HC1o4 at 25°0 and I = 0.10N NaCl 
Vola Initial pH b 
m 
0.015e 8.170 
0.030 7 .&t-2 
0.030 8.ooo 
0.025 7.801 
6.629 
0.30 6.613 
:E'inal pHm c 
7 .l~05 
7.170 
7.801 
7.654 
6.566 
6.562 
6.550 
L\[02]d 
0.20 
0.95 
0.50 
0,15 
o.o8 
~olume incremen·t ( ml) of Cocl2 ( 0.299Ivl) added to 63.0 ml of 
solution 
b pH (measured) before volume increment 
cpH (measured) after volume increment 
~ecrease in solution oxygen concentration (p.p.m.) on adding 
CoC12 titrant increment 
eTitration 1; TL = 6.682 X 10-
4M 
!Titration 2; 
' l 
TL ::: 6.577 X 10-J.M 
titration performed at pH 8.1. '.Phe cobalt( II) concentration of a 
solution that had been oxygenated at 
was determined (as Co(NCs) 4 
2
- in 50';6 
n! 
pH :.V 10 and acidified to pH ..V 1 
acetone) after 24 hours at 
pH "'1. This determination showed a 98;6 recovery of the initial con-
centration of cobalt(II) ions. Spectrophotometric measurements 
performed immediately prior to the determination of the cobalt(II) 
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concentration indicated that only 5~~ of the oxygen adduct had decomposed. 
These two results do not agree but may indicate that the thiocyanate 
or acetone aids the decomposition of the oxygen adduct. 
The nickel(II) system was studied by titration of NaOH (0.28M) 
into solutions containing Hddmo,2HC101+ ( 1 x 10-3M), NiC12 (6.6 x 10-L~M) 
and NaCl (I = 0.10H) at 25.0°0. Typical pH-volume data from a titration 
·are shown in table 8.16 and graphically in fig. 8.8. As observed for 
the formation of Ni(Hdddo)+ (section 8.2.1) the system reached 
equilibrium only slowly after each titrant addition (20 - 30 minutes). 
The zinc (II) systern was studied at metal to ligand ratios of 
1 : 1.5 and 1 : 4. 1'he 1 : 1.5 (M:L) titration data were obtained from 
the titrat:Lon of NaOH 
-4 (rv7 .5 x 10 H) 9 ZnC12 
(AI 0 .29M) into solutions containing Hddmo 92HC1o4 
-4 0 (5 .. 0 x 10 H) and NaCl (I = 0.10M) at 25 c. 
Typical pH-volume data are ta.bulated in table 8.17 and are shovm 
graphically in fig. 8.8. At the completion of a titration (pHN9) 
there was some Zn(OH) 2 precipitate. The zinc(II)-Hddmo system was 
therefore studied vlith a metal to ligand ratio of 1 : l~. Ty-.P.ical 
pH-volume data are given in ta.ble 8.18 and graphically in fig. 8.9. 
The pH-volume data from the cobalt( II), nickel( II) and zinc( II) 
Cl-i:J..~ = 1 : 1.5) systems show buffer regions at pH 6.1 - 7.1, pH 5. 7 -
7.3 and pH 6.2 - 7.4 respectively, followed by end points at pH 7.2 -
7.9, pH N9.1.~ and pH 7.4 - 7.9 respectively. There was a second buffer 
region in the ooba.lt and zinc systems at pH>8.3 and pH)'8.o respectively. 
In these two systems the end point corresponded to the completion of the 
reaction 
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TABLE 8.16 
Representative data from the Titrations of NaOH into Solutions of 
Nickel Dichloride, Hddmo,2HClo4 and HCl at 25.0°C and I = 0.10M NaCl 
-4 Initial Composition: TL = 9.181 x 10 M 
-4 TM :::: 6.637 x 10 M 
TH :::: 2. 79~ X 10-3M 
a Vol p[H+]b Vol8- £[H+]~b 
0.09 5.687 0.29 7-578 
0.11 5.773 0.31 7.783 
0 .. 13 5.972 0.33 7.992 
0.15 6.179 0.35 8.213 
0.17 6.360 0.37 8.L~55 
0.,19 6.549 
0.21 6.740 
0.23 6.939 
0.25 7.153 
0.27 7.383 
~olume (ml) of o .. 2829M NaOH added to 49.93 ml of solution 
bp[H+] derived from pH as outlined in section 3.1.3 
- m 
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TABLE 8.17 
Representative Data from the Titration of NaOH into Solutions Containing 
Zinc Dichloride, Hddmo,2HC10l~ and HCl at 25.0°C and I = 0.10N NaCl 
Initi~l Composition: TL :::: 8.4L~3 X 10-4M 
-4 TH = 5.,002 x 10 H 
TH :::: 2.533 x 10-3H 
Vola p[H+]b Vola p[H+]b Vola p[H-1-] b 
o.o8 6.251 0.18 6.993 0.28 8.253 
0.09 6.325 0.19 7.148 0 .. 29 8.317 
0.10 6.396 0.20 7.365 0.30 8.38Lt 
0.,11 6.458 0.21 7.572 0 .. 31 8.L~58 
0.12 6.523 0.22 7.752 0.32 8.532 
0.13 6.585 0.23 7.887 0.33 8.627 
0.,14 6.651 0.21+ 8.oo8 
0 .. 15 6.725 0.25 8.074 
0.,16 6 .. 8oo 0.26 8.133 
0.17 6 .. 882 0.27 8.191 
~olume (ml) of 0.2829H NaOH added to L~9.93 ml of solution 
bp[H+] derived from pHm as outlined in section 3.1.3 
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TABLE 8.18 
Representative Data from the Titration of NaOH into Solutions Containing 
Zinc Dichloride, 0 Hddmo 92HClo4 and HCl a.t 25 .. 0 C and I = 0.,1Qt1 NaCl 
(Ligand to metal ratio L~: 1) 
Initial Composition: -3 TL = 2.216 x 10 H 
.. 4 
'rr1 = 5.001 x 10 11 
-3 TH = 6.647 x 10 M 
Vola p[H+]b Vola p[H+]b Vola 
0.,22 6.243 o .. L~4 6.851 0.62 
0.25 6.323 o.45 6.886 o.63 
0.27 6.376 0.46 6. 92L~ o.64 
0.,30 6.452 o.47 6.971 0.65 
0.32 6.503 0.48 7.019 0.,66 
0.34 6.551+ 0.49 7.070 o.6? 
0.36 6.604 0.50 '7 .126 o.68 
0 .. 38 6.662 0.51 '7.185 0.69 
o.,LJ.o 6.'717 0.52 ? .. 263 0.'70 
o.l+1 6.?4'7 0.53 '7·353 0.'72 
0.42 6.780 o .. 6o 8.1+20 0.74 
o.43 6.815 0.,61 8.532 
~olume (ml) of 0.285'7M Ne.OH added to 1}9.93 ml of solution 
bp[H+] derived from pH as outlined in section 3.1.3 
m 
[H+]b g] __ 
8.639 
8.728 
8.805 
8.871 
8.932 
8.993 
9.051 
9.104 
9.153 
9.249 
9.342 
pH 
10 
9 
8 
7 
6 
Fig .. 8 .. 9 
pH vs Volume for the Titration of NaOH into a Solution Containing a 1:4 ratio of Znc14 
0 
and Hddmo,2HCl04 at 25 C and I = 0.10H NaCl 
TL = 2.216x10-3:H, TH = 5.001x10-4H, TH = 6.647x10-3M 
[NaOH = 0.2857M 
0 -1 -2 -3 ·4 ·5 .. 6 ·8 
Vol (ml) NaOH 
1\.) 
1\.) 
!\) 
. 
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+ - + plus the reaction Hddmo ,2H + OH 4 Hddmo ,H + H20 for excess ligand 
present. In the nickel system the end point corresponded to the 
completion of the reaction 
plus the reaction Hddmo,2H+ + 20H- 4 Hddmo + 2H20 for excess ligand 
present. 
The cobalt(II)-Hddmo data corresponding to the two buffer 
r~gions were initially analysed in terms of the respective equilibria 
2+ Co(aq) + Hddmo 
and 
Co(Hddmo)2+ 
2+ Co(Hddmo) 
by the least squares method outlined in section 4.1.2. The data 
from two titrations gave log K1 :::: 5.56 .± 0.12 and log I<D = -8.92 + 0.09 
v7ith R factors of .22:• 3.196, when the function .Z:((TH - [H+]) obs -
+ 2 (TH - [H ] ) calc) was minimised over all data points. When the third 
equilibrium, 
Co( ddmo) + + OI[ Co(ddmo)(OH), 
was considered as a contributor to the second buffer region the data 
gave results log K1 = 5.73 .± 0.12, logY~ :::: -9.33 .± 0.18 and log KOH = 
5.09 .± 0.23 with R fe.ctors of £2:,• 2.5% and a better fit of the 
experimental data to the calculated results in the second buffer region. 
It was inferred from the Hamilton test177 that at a level of significance 
0.01 the reduction in the value of R was significant and consequently 
the 3 equilibrium model system was accepted. Complexes with weak 
donors form hydroxy species at lower pH than those with strong donors 
(c.f. Co(H2o)l+, log KOH:::: 4.2
229 and Co(Hdddo)(H2o) 2 , log KOH:::: 3.32
214). 
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It is therefore likely that Co(Hddmo)2+ will form an hydroxy species 
at lower pH than Co(ddmo)+. The computer analysis cannot however 
distinguish between the species Co(Hddmo)(OH)+ and Co(ddmo)+ as 
both complexes contain the same number of ionizable protons. The 
complexes formed in aqueous solution may therefore correspond to the 
equilibria 
and 
The values 
deviation) 
The 
2+ Co(aq) + Hddmo 
)2+ -Co(Hddmo + OH 
Co(Hddmo)(OH)+ 
tabulated in table 8.19 are 
I 
derived for log K1, log KOH 
2+ Co(Hddmo) 
Co(Hddmo)(OH)+ 
Co(ddmo)(OH) + H+ • 
the mean values C.:t standard 
' and log KD. 
nickel(II)-Hddmo system was analysed in terms of equilibria. 
(I) and (II) (p.182) for the single buffer region, pH<9.3. The values 
of log K1 and log~ given in table 8.19 are the mean values C,:t standard 
deviation) from 2 titrations. n values of ~· 4.5% were achieved. 
Visible and ultraviolet absorption spectra were recorded throughout a 
titration. These showed maxima for Ni( ddmo) + at 476 run (e 237 1 mol-1 
and 309 run -1 -1 2+ (e 2530 1 mol em ). The species Ni(Hddmo) did not 
contribute measurably to the observed spectrum,suggesting that the 
co-ordination about the nickel atom is pseudo-octahedral with two 
water molecules co-ordinated in the axial sites. Such high spin 
complexes have low molar extinction coefficients (generally <10 1 mol-1 
-1) 230 em • 
The zinc(II)-Hddmo data determined at a metal to ligand ratio of 
1 : 1.5 were analysed in terms of equilibria (I) and (II) for the 
respective buffer regions. The results obtained from 3 titrations 
gave log K1 = 5.51~ .:!: 0.12 and log ~ = -8.22 .:!: 0.08. However at pH> 8 
the calculated [Zn2+] (using the derived values of K1 and IS) is such 
em -1) 
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TABLE 8.19 
Equilibrium Constants for the Reactions of Hddmo with the Divalent 
Metal Ions of Cobalt, Nickel, Copper and Zinc 
Metal Ion log K1 log K2 log I<:o log KOH 
-
Co2+ 5. 73 ± 0.12 -8.73 ± 0.23 4.41 + 0.18 
Ni2+ 6.64 + 0.10 -8.16 + 0.,10 
-
cl+ 12.11 + o.o4 -6.76 ± 0.09 
zrf+ 5.34 ± 0 .. 03 5 .. 89 ± 0.07 -9.19 ± o.o6a 
aRefers to reaction of the bis complex, 
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-16 3 231 that the solubility product for Zn(OH)2 (2 x 10 M ) is exceeded. 
The value of log ~ is therefore in error. 
The titrations performed at a metal to ligand ratio of 1 : 4 
showed a buffer region at pH 5.8 - 7.5 followed by an end point at 
pH 7.6 - 8.1. A second buffer region was observed at pH:> 8.,3. The 
first end point corresponded to the addition of one mole of OH- per 
mole of ligand plus two moles of or( per mole of metal ion. This may 
correspond to the formation of a bis complex i.e. 
+ - + Hddmo,2H + OH -t Hddmo,H + H20 
. Analysis of the titration data from the first buffer region was 
therefore made in terms of the equilibria 
Zn2+ + Hddmo 
K 1 
Zn(Hddmo) 2+ + Hddmo 
2+ Zn(Hddmo) 
2+ Zn(Hddmo) 2 • 
The values of log K1 and log K2 (,i: standard deviation) for two 
titrations are reported in ·table 8 .. 19.. The same results were obtained 
( [ + ) ( [ + )2 irrespective of whether the function L: TH - H ] obs ... TH - H J) calc 
or Z(ii.. 1 -.L 7 0JS 
the T - [H+] H 
nL l ) 2 was minimised, but the R fo.ctors obtained for 
,ca c 
and ~ functions were ~· 0.,04o/;6 and O.l.J.5% respectively. 
The pH-volume data. obtained from pH> 8.LJ. were analysed in terms of the 
equilibrium 
2+ KD Zn(Hddmo) 2 ;:=::::::::::::~ + + Zn(Hddmo)(ddmo) + H • 
The value of log ~ <.:t standard deviation) is given in table 8.19. 
8.3.2 Discussion 
Hddmo forms 1 : 1 complexes with the di ve.lent metal ions of 
cobalt, nickel and copper. The d-d transition for Ni(ddmo)+ (i\ 476 nm; 
max 
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-1 -1) 8237 l mol em suggests that this complex is square plaTh~r and 
of low spin. It is inferred that in solution the complexes H(ddmo)+ 
(H = Co, Ni and Cu) are square planar. The data from the zinc system 
having a metal to ligand ratio of 1 : L~, were best interpreted in 
terms of a complex of the form Zn(Hddmo) 2
2
+. However, the formation 
of a bis complex did not adequately explain the titration curve at a 
metal to ligand ratio of 1 : 1.5. 
For the zinc(II)-Hddmo system the value of K,., is greater than 
L 
K1• This is contrary to that observed for the formation of many 
other bis complexes. However the stereochemistry of many d10 complexes 
:Ls observed to che.nge with increasing ligand substitution. This often 
leads to 11anomalous11 stability orders. The results observed in this 
study suggest that a change in stereochemistry has occurred from tetra-
, 
2+ 2+ hedral (Zn(Hddmo) ) to octahedral (Zn(Hddmo)2 ). 
Proton dissociation was observed to occur frorn the complex 
2+ Zn(Hddmo) 2 • This suggests (assuming the deprotonation occurs from 
an oxime group) that the oxime groups are co-ordinated to the zinc(II) 
ion. The most likely structure of the complex is with the ligands 
co-ordiTh~ted through two amino nitrogens and one oxime nitrogen: 
2+ 
Deprotonation could then give rise to a complex with intramolecular 
hydrogen bonding. 
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The stability constants for the formation of the 1 : 1 com-
plexes of the metal ions cobalt(II), niokel(II), copper(II) and zinc(II) 
are observed to follow that predicted from crystal ... field stabilization 
energies and ionic radii viz. the Irving-Williams series ( t1n <Fe< Co< 
Ni< Cu> Zn) .. 
Comparison of the log l<J:> values shows that the acidity of the 
oxime proton is enhanced by divalent transition metal ions in the 
order Cu> Ni> Co (> Zn). (Note, however, that deprotonation from 
2+ Zn(Hddmo) 2 may involve intramolecular hydrogen bonding). This 
trend is similar to that observed for deprotonation from co-ordinated 
water molecules in aqua ions (see table 8.,20). However the values of 
pKa given in table 8.,20 must be treated with caution as (1) the hydroxy 
ions have a tendency to . 229 232 form polynuclear specJ.es, ' and (2) in the 
study of these equilibria the degree of formation of the hydroxy 
complex was small (e.g. in the determination of the equilibrium constant 
2+ 2+ + - ( -for 2Cu + 2H20 ~ cu2(0H) 2 + 2H , n0H the average number of OH 
ions per metal ion) vms only 0.03 - 0,24). 233 
The stability constants for the oximato complexes, log K* 
(H(ddmo)+) 
-12.3.165 
- + can be derived by assuming log ~ (Hddmo ~ ddmo + H ) :::: 
r,og K* values are given in table 8.12. These results show 
the order of stabilities to be Cu> Ni::::..Co. On comparison of the log K* 
(M(ddmo)+) values with those obtained for the formation of H(Hdddo)+ it 
is seen that the ligand Hdddo- forms more stable complexes than does 
ddmo-. The observed difference between log K* (M(Hdddo)+) and 
log K* (H(ddmo)+) for any metal ion can be attributed to the weaker 
donor strength of the =NOCH3 group compared to the =NOH group and to 
the loss of intramolecular hydrogen bonding in the M(ddmo)+ complexes. 
The contribution that deprotonation of the oxime group makes to 
the stability of the metal complexes can be assessed by comparing the 
stabilities of N(Hddmo) 2+ (log K1) and H(ddmo)+ (log K*). This contribu-
TABLE 8,.20 
-----
Log KD(H(H20)n
2
+ ~ N(H20)n_1(mi)+ + H+) Data for the Hetal Ions 
Iron, Cobalt, Nickel, Copper and Zinc(II).a 
rf+ log KTI 
-"-
Fe2+ 
-6. 7L~ 
Co2+ 
-9.85 
Ni2+ 
-9.86 
cu2+ 
-8.0 
zn2+ 
-8.96 
~ata from ref. 229 
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tion is 3.6, 4.1 and 5.6 for the cobalt, nickel and copper complexes 
respectively. This compares with a value of 6.4 obtained for the 
copper(II) complexes of Hdno. 
Oxygenation of the Cobalt Complex. The data in table 8.15 show 
that at pH 6.6 and pH 8.1 the uptake of oxygen was incomplete, but 
at pH 10 .. 0 the oxygen uptake was quantitative with the forlllr:ttion of 
a complex of stoichiometry (CoL) 2(o2). The addition of hydrochloric 
acid to the test solutions only slowly released the co-ordinated 
oxygen. The complex was therefore non-labile and a detailed study 
of the oxygenation reaction was not carried out. The incomplete 
oxygenation of the cobalt complex at pH 8.5, but complete oxygenation 
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at pH 10,suggests that the complex undergoing oxygenation is Co(ddmo)(OH) 
or that the adduct is hydroxy bridged. The absorption spectrum of 
oxygenated solutions showed an absorption maximum at 510 nm (E 390 1 
mol-1 cm-1) and this is in the range repor·ted for stable peroxo 
complexes of the type [X(cyclam)Co02Co(cyclam)X] where X and 02 are 
trans and cyclam is 1,4,8,11-tetraazacyclotetradecane.234 
The absorption spectrum also shows a shoulder at 311-0 nm. This 
band is very weak (e"'-'40 1 mol-1 cm-1). It has been reportei35,236 ,237 
that labile mono-bridged dioxygen complexes show two intense (s 6 -
10,000 1 mol-1 cm-1)238 charge transfer bands, one at""300 nm and the 
other at"' 330 nm. Dibridged complexes (IJ.-dioxygen, fJ,..hydroxo) show a 
single absorption at ..... 350 nm. Absorptions of this· intensity are not 
observed in the oxygen adduct reported here. 
Cobalt(II) ions form many complexes which react with oxygen to 
form 1 : 1 and 1 : 2 oxygen adducts. l~.s.r. studies haveestablished 
that on co-ordination of the oxygen molecule there is a.n electron 
transfer from the cobalt atom to the o:>cygen molecule. Because of this 
electron transfer co-ordination of strong electron donors enhances 
oxygenation. It has been suggested that a minimum of three nitrogen 
231. 
donors co-ordinated to the coba.lt is required before oxygenation takes 
2"28 place. ;; Ligands such as OH co-ordinated in the fifth co-ordination 
. 239 240 site are well known to enhance oxygenat~on. ' The results obtained 
for the oxygenation of Co(ddmo)(OH) differ from those reported :for the 
complex 241 236 238 Co(Hdmg)2 - and many amine and amino acid complexes. ' 
The latter complexes are labile and often the oxygenation step can be 
21L~ 
reversed several times. For the complex with H2dddo"Kee and Powell-
report similar results to those obtained in this study. The complex 
Co(Hdddo)(OH) :forms an adduct Co(LH)-02-co(LH). In the cobalt(II) 
complexes of Hdddo- and ddmo- oxygenation does not appear to occur 
unless an hydroxyl group is co-ordinated to the cobalt ion • 
. 8 .. L~ THE HETAL COMPLEXES OF dddm 
8.1+.1 Results 
r.rhe :stability constant for the :formation of Cu(dddm)2+ is 
reported in section 8.1. Titrations of NaOH into solutions of dddm, 
2HClo4 and nickel dichloride (with metal to ligand ratio 1 : 10) gave 
a precipitate of Ni( OH) 2 at pH> 8. 5. [The solubility product of Ni( OH) 2 
:Ls reported as 1 x 10-16M3 79 and it is exceeded at pH 8.8 with a 
[Ni2+J ::: 5 x 1o-4r.u. Titration of Na.OH into solutions containing 
ZnC12 and dddm,2HClo4 produced a precipitate of Zn(OH)2 at pH>7.7. 
. 231 242 The solubil~ty product of Zn(OH) 2 (pKsp = 15.7 - 16.9) ' is 
exceeded at approximately this pH with- a [Zn2+J ::: 5 x 10-L~M. 
8.A .. 2 Discussion 
For both nickel(II) and zinc(II) no complex :formation with dddm 
was detected. Higher concentrations of ligand could not be used because 
of the low solubility of dddm,2HC1o4 • A maximum value :for log K1 
K1 2 
M(dddm) +) can be assessed if the degree of complex (r~+ + dddm 
formation is assumed to be 10% at the pH where precipitation of N(OH)2 
232. 
occurs. These maximum values are determined as log K1 (Ni(dddm)
2
+) ::: 
2+ 2 .. 5 and log K1 (Zn(dddm) ) ::: 3.. These results reflect the low donor 
strength of the :::NOCH3 group. 
A nickel complex of stoichiometry Ni(dddm) .Ni(OH)2(ClOL}) 2 
was isolated from dry ethanol (see section 3. 7 .Lr). This complex 
decomposed in water. This observation SUl)ports those made above 
concerning the stability of the nickel(II) complex. 
233. 
8,.5 T:H:E INFLUENCE OF 0.1111 NaCl ON THE METAL-JJIGAND EQUILIBRIA 
The measured equilibrium constants in this study will be 
influenced by the formation of weak complexes with the anion of the 
11inert" electrolyte. Values of K1 and K2 for the formation of 
+ 2+ CuCl(aq) and CuC12(aq) have been reported as 2.3 and 0.72 respect-
ively in 1H HClo4 solution.
243 Assuming that these values also hold 
in 0.1M NaCl solution,then the copper(II) chloro species do not exceed 
2036 of the total metal ion concentration at the start of a titration. 
Data have recently been reported for the formation of halide complexes 
. 2+ 244 w~th Cu(en)2 • For the equilibrium 
( ) 2+ Cl-Cu en 2 + 
K 
K has been reported as ~· 0 .. 5. 
Values for the formation of zinc( II) chloro species have also 
245 + been reported. The formation constants of ZnCl , ZnC12 and Zncl3-
in 3H NaClo4 are 0.65, 0.38 and 5.6 respectively. It is assessed that 
the total concentration of zinc chloro species does not exceed 6?6 of 
the total metal concentration in the titrations performed with I = 
0,.10N NaCl. 
The effect of these constants on the equilibria studied here 
has not been taken into account in the calculations. This approach 
is valid so long as comparisons for a given metal ion involve measure-
ments for the same ionic medium. However, for comparisons involving 
ligand systems with different metal ions a small variable contribution 
will result from the formation of metal chloro species. 
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APPENDIX 
CO:tvlPUTER PROGRANS USED IN THIS S1'UDY. 
A. Subroutines Pl1ELIM and CAJ~ used to calculate protonation constants 
for the ligands. 
B. Subroutines PRELIM and CALC used in the least squares program to 
determine the equilibrium constants for the formation of mono 
and bis ligand complexes (~method). 
C. Subroutines PRELIM and CALC used in the least squares program for 
the calculation of the equilibrium constants for the formation of 
the species M(LH2), M(LH) and M(LH)(OH). 
D. Program to calculate equilibrium constants for the formation of 
M(LH2) and H(LH) in well-separated buffer regions. 
E. Program to calculate equilibrium constants for the equilibria 
and 
in well separated buffer regions. 
F. Subroutines PRELIM (to calculate changes in solution composition) 
and CAIJC (to calculate Q 1 ) used in the least squares calculation ca c 
of the enthalpy changes for ligand protonation. 
G. Program to calculate changes in the calorimeter solution composi-
tion from an estimate of the pH for titration of acid into a 
solution containing the species M(LH)+ and H(LH2)
2+. 
55 
5G 
57 
58 
59 
60 A 
s S lJ A R 0 U T I N E P R E LI tH Y 0 , X , N 0 ) 
~ DIMENSION Y0(60),X(2,60) 
-----i{E-Aitt?n-O-)-A-ttA-frttTVtltTtt-l------
10 WRITE< 6,112) 
11 D o 2 I = 1 ' I~ 0 
12 XClll):.:CX(l,I)•Oo086)IOo99S3 
-:-::------~H"11im-trww-(--x-t-h-Tl/ 13 TL:TLlwVOLI<VOL+YO(!)) 
14 ACI0=2•0*TLwANAOH*YUCI)ICVOL+YOCll) 
1s H Y fJ f< 0 L = 1 • 6 3 7 E •14 I H 
235. 
---'~:-A-eith-itYORtlt-tl _______________________ _ 
16 WRITE ( 6, 41 ) A C I 0, H Y 0 R'O L 
17 2 Ynci>=THITL 
1s 40 FORMATCF10o4PF10.2,E10,4) 
-19----tl--t--ff1Ht1-A-1-i-t:--T0o1!7-s->:~-i-tt/------------------42 FORMATC 1 0 ACID HYDROL 1 ) 
---------
20 RET lJ R N 
21 EN n 
22 
-----5-St+l J RRDtJ-T HI E-e-AtC--f"X-tP7T-r'f-)---·---------
DI~f:NSitlll XC2,60),PC2) 
H=lOoH( .. X(l,J)) 
----------------------
Y:: C P ( 1 ) * H + 2 • 0 * P ( 2 ) *PC 1 ) * H ** 2 ) I C 1 , 0 + P ( 1 ) * f1-t P ( 2 ) * P ( 1 ) * H ** 2 ) 
-----~E--l'ttttN 
10 
11 
12 
13 
14 
15 
16 
17 
18 
19 
20 
21 
22 
23 
24 
25 
26 
27 
28 
29 
30 
31 
32 
33 
34 
35 
36 
_37 
36 
39 
40 
41 
42 
43 
44 
45 
46 
47 
46 
ENO 
31 
32 
33 
34 
35 
36 
6 
8 c 
10 
11 
12 
13 
14 
15 
16 
17 
18 
19 
20 
21 
22 
23 20 10 
24 
25 
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SUBROUTINE PRELIMCYQ,X,NO;TL,TM) 
NBAR METHOD H 
D I MENS 1 0 N Y 0 ( 10 0 ) ; _X ( 2; 1 0_0 ) , TL~( _!_1 ~0~0 1.__) P!'__TuM~<ul~OL'-0'-!.>'---------------­
DTMENS fON--Ac-I DTI Ocn·---
REAL Kl,KH2 REAL NAO 
K1=2•399E+~9 ____________________________ _ 
1\?.:.-1-.-v o 5 n READ(5;10)TMl;TLI;AClDI,NAOH 
00 20 I::l;NO Q=49w93/(49o93+YO~(~IL)L) ____________________________ ___ 
ACTITTTY :i-1\C Ill! * Q 
HH I >=Htl*O 
TL< I >=TLl*Q X_U__, I >&X_U __ d )_"'_0_&8_oJ /0 • 9953L__ _____________________ _ 
XC 1;.-0=lO•**r-"'XC l, I>> ALK=YOCI)*NAOH/C49o93+YO(l)) TOTA=2oO*TLCl)+la63436E-14/X(l,I>•ALK•XCl~I> 
AUC1::: T OI A_L C_K_t~XU_t_U_ot_2 __ ,_0_*_~ l_!<_Kr._"A"_x_ULU-"' *-2) . yo c n ::: (TL (l ) ·ALI G * c 1 • 0 + K 1 * )( < 1 , 1 ) + K 1 * K 2 * X CfiTf** 2 ) > I HH l ) 
CONTINUE FORMATC3CE10a3),F10e4) BLiliRNN ______________________________ _ 
t::Nn 
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c 
SUBf<OU T fNE P RECTM <YO ;y;NCfiTL, T t~) 
DIMENSION YU(100),X(2P100)1TL(100),TM(l00) 
DIMENSION AC10(100) 
___ ____B[i\_L__N_AQH___ 0~-------------------
10 READ(5, 10)H1l,TLl,ACIDI,NA H 
DO 20 I=lPNO 11 Q=60•00/(60.00+YO<I)) 
12 A CJ_Q_LU_:::_A_C~[l]~a_ 
13 TM< I )=TMI*Q 
TL<I>=TLI*Q 14 X(1.d)=(X(1,l)·0.086)/0•9953 
15 ___x.u 1~).::_1Qa_'IL'i<.l~.XLl,..lU .-:-----------------------
16 ALK=YO( I )*NADH/(60oOO+YO( I)) 
17 
YO( 1 )::4,*TL< I )+ACID< I )+1.63436E•ltl/X( 1, I )"'ALK•X( 1, I) 
20 CONTINUE 
18 10 fflRMAlL3~L0•3)•Fl0•.~-----------------------
19 RETURN 
20 END 
01 
19 
20 
21 
22 
23 
24 . 
25 
26 
27 
28 
29 
so 
31 
32 
33 
34 
35 
36 
37 
38 
39 
40 
41 
42 
43 
44 
45 
46 
47 
----- --··--·--
34 
35 
36 
37 
38 
39 
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D 
DIMENSION VDLC80)PPHC80)1PKCOO) 
__:__ __ R-f:~l·~~b-I-N~B-M4-K-1~'-H;;'-J+*4-----------------'------
REA0(5;69) KDOE 7 
8 
INiEt<l 
----RE-A-0-<-5,_-,_~-K-2-+4'*'~-----------------------
10 8 READC5P70) TM,TH,TL,ALK;AISTR,TN 
11 J=O 
12 SIG=OeO -----ruA~~~-------------------------------------------
13 NN=O 
14 2 J:.Hl 
15 READ(5;71) lSENT,VOL(J),pH(J) 
------!I+F'+C l-55-N-T+---b-2-#-3--------------------------------
16 3 NOmJ'"l 
11 WRITE(6,72) AISTR;TN 
-18---~~~~R~l~~~,~7~3H)~l~~~---------------------------------------------------
19 WRITEC6,79) TM 
2o WRIT EC 6, 7 4 ) K 1' K 2; K 3, K 4 
21 WRITE C 6, 7 5 ) 
----~D~I~~~~--------------------------------------
22 .pH ( I ) m (PH ( I > '"0 • 0 8 6) I 0 • 9 9 53 
23 Hc:lO.H("'PH(l)) 
24 Q = 119 • 9 3/ C l!9 • 9 3 + V 0 L ( I > ) ---A€-lv=."f-++~ 25 T L 1 G = T L * Q 
26 ALKA=VOLCl)*ALK/(49•93+V0L(l)) 
21 T MET r: Tt~"' Q 
___ :___lfu-h-+~h II+ I( 2 ~ K+*-11~-3~ 2 * 1\ 1 * H ~3-*i<-2-*i<-1-*tti-.-J.t-------------------
28 A=Kl*H+2,wK2*Kl*H**2+3e*K3*K2*Kl*H**3+4e*K4*K3*K2wKlwHww4 
29 Lc(ACID~H·ALKA+1,&374E•l4/H)/A · 
3o M=LwU+tMET"'TLlG 
-
31
------!SHT -MiK~f-Tt-ttr•blrfl-)-/ f-M"irl-~-----------------------------------------------
NBARb(TLlG•LwB)/TMET 
( lFCPH<I>eGTo6e0)G0 TO 12 IF<U 12,12,13 
12 5 TAtlYP: i .-n---------------------------------------------
32 
33 
34 
35 
L=CTLIG·TMET>t<le0+Kl*H+Kl*K2*H**2) 
AMLOc•(ACID•ALKA•H+le6374l-l4/H•L*(K1*H+2*Kl*K2*H**2)) 
36 AK=AMLD*HICTMlT•AMLD> -----lNBAf+=-AMt-&f-'f~>~t-+-----------------------------------------
37 1 F< A K ) 14 ~> 14' 15 
14 AKL11e0 38 
39 15 AK=ALOG 1 0( AK) 
----G~~~---------------------------------------------
40 13 IF<STABK) 4,4,5 
41 4 WRITE(6,7o> 
42 P K ( I ) = 1 • ----~GB-+~-----------------------------~--~--------
43 5 PKCl)=ALOGlOCSiABK) 
44 SIG=SlG+PKCl) 
NN=t..N+l 
:: 6 WR-1-H~+-V{)L( I), PH< I), N-B-A-RR-,-,tLT,-M~1-.-,~P*I\i-(1-!1-)rpA-A~t~---------------
ANO=NN 
47 AVPKr.tS I G/ ANO 
48 SU~1=0 • 0 
~-O-l~~~------------------------------------------
49· 10 SUM=SUM+(AVPK .. PKCl))-11*2 
50 D=SU~1/ AND 
STfEV=SQRTCD) 
51 WR- -T-E--{-6 ,-30--)--A-V-P-·K+MMJ.J-------------------------------------
52 IN E:: IN T E + 1 
53 I FC I NTE•KODE) a, 819 
9 STOP 54 ~~F~RMA~-~2~--------------------------------------------
55 70 FORMAT(3(ElOo3),flOoq,FlOe2,8X1l2) 
56 71 FDHMAT<p,FbdP9X,FlOi3) 
57 72 1 r.~~~IATC 0 SOLUTION IONIC STRENGTH IS •,F5•2, 1 TITRATION NUM8Ek IS 
:: 73 1~~~~1bV~~ •!~}~~)LIGAND COI~CENiRAllON IS 1 1£11~4/ 1 0 ALKALI CUNCEN 
60 
239. 
74 FDRMATC// 1 0 LIGAND PROTONATION CONSTANTS AkE 1 P4(El0,4,3X)) 
75.FORMATC// 1 0 VOLUt-lE PH NBAR FRE.E LlGANO FREE MI:.TAL 
-----l-L--tlG--K l--U-G-K-0--'--;}-------·------c----------------
76 f0RMATC 1 0 STAbiLITY CONSTANT IS NEGATIVE 1 > 77 f0RMATC 1 0 1 F7.3,3Xtf6e313X,f5•3,3XJ2(E11e4,3X),f6e3t3X,F6e3? 
16 fORMATC4CE1~o4)) 
---17--9-f"-GR MA-t-.(_i O--t-B-T-A-l-1M~-f-A-L-£--{lN-C-f+t'r--R-A-+-l'++N-I 5 I ; E 1-v-.,~-----------
80 FDRMATC 1 0 AVERAGE PK IS ··r,F6e3;r-~TANDARD ~EVIATION IS 1 1f6•3) 
e END 
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E 
--- -----------------
241 • 
1 7 CONTINUE 
2 STOP 
3 END 
6 
7 
10 
11 
12 
13 
14 
15 
16 
17 
1 B 
19 
20 
21 
22 
n 
24 
25 
2's 
27 
28 
29 
30 
31 
32 
33 
34 
35 
36 
37 
38 
39 
40 
41 
42 :_:_-------------~-----~----------------
43 
44 
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46 
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48 
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50 
51 
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53 
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56 
57 
58 
59 
60 
242. 
57 
58~.--------------------------------------------------------------~--------------
59 
60 F 
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244. 
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51 
52 c 
.53 
54 
55 
56 
57 
56 
59 
60 
2 1FCNeGT.NPTS)G0 TO 70 
GO TO 80 ~AkC-W.A~TL---C-H-A-N-G-t;-1-N--~-G-N-&~T-wt-£--N--P-G-l-l'i-t~---------'------
4 70 M=2 
110 DCULH=CULHOO·CUU·I<t~"'l) 
OCULH2=CULH2(~)•CULH2(M•1) 
-----0 kH-2::<6-H 2-{--!4+"'-b-1+2--{--H-"'-1-+----------------------------
0 L H 3 "'L H 3 <t1 ) .. L H 3 01 ~ 1 ) 
OLH4=LH4(M)•LH4CM•l) 
WRjTEC6,DOO>PH(M•l) 
...,.
9
------WR --lU-6-,-9-0~~t;L-MH--d3+,-l:lOtbfl-ll----------------
10 ·M=M+ 1 
11 IFCMeGT.NPTS)GO TO 90 
GO TO 110 
_12 __ ~g~~~~~41~)~----------------------------
13 Ial+l 
14 1FCltGToNGPS)G0 TO 120 
GO TO 130 -15--+14~M~--{~&1~~~----------------------------------------
16 400 f0RMATC1X;Fbt4P2X;F6o4;2X;F6a4) 
11 100 FDR~1AT<Il> 
1 8 2 0 0 F 0 R t·l A T < I 1 ) ~R+HH--{-cf+B~·~~---------------------------------------------~ 19 500 FDRMATCil) 
2o r600 fOR~IAT<3Cf5o3;lX);F7e3) 
21 700 fORMAT ( F6 d) 
::-::----6-5{)-f--frftM-A-f+i--Xr-ntJ----RE FINE ri-E-N-T oP L A F'l E R 6 0 CYCLES G-N---ftl-tN-'PT2-x-n-1,--;) 22 750 f0Rt~AT(1X; 1 tl0 REFINEHENT Of PH AFTER 15 CYCLES ON POINT ;2X;ll;l) 
23 800 FDRMAT(1X;f7t4;/) 
24 9 0 0 f 0 R ~~A T ( 1 2 X ; 4 ( E 11 • II , 5 X ) ' E ! 1 • 4 ) ~-{l-f-ORM-A-f+s~JhJ-H+YJX,. 1 DClJLII , 1 ox, 1 DC Ulti~, 1 ULI12 1 , 15X,! DtH3 1 1 1 i-X-,--'-tJ---1LH41) 
26 150 FORMATClX; 1 TITRATION ON 1S 1 ;2X;ll) 
:: 120 H~-------------------------------------------------
29 
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------------------------------------------------------------------
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